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A SYMPOSIUM ON THE KINETICS OF HOMOGENEOUS 

REACTIONS 1 

INTRODUCTION TO THE SYMPOSIUM 
FARRINGTON DANIELS 

Department of Chemistry, University of Wisconsin , Madison, Wisconsin 
Received December 18, 1981 

In order to correlate the advances of research in special fields, it 
is necessary for investigators in related subjects to summarize 
their findings for the benefit of other scientists who are not famil¬ 
iar with the technicalities involved. For a number of years the 
Division of Physical and Inorganic Chemistry of the American 
Chemical Society has endeavored to meet this recognized obliga¬ 
tion. It has transmuted its frontier work into more usable form 
by the organization of symposia and their publication in Chemi¬ 
cal Reviews (1 to 4) and elsewhere (5). The present collection of 
papers on the kinetics of homogeneous reactions is based chiefly 
on the symposium held before the Division of Physical and In¬ 
organic Chemistry at the eighty-second meeting of the American 
Chemical Society held at Buffalo, New York, in September, 1931. 

Chemical kinetics comprises the study of the velocity of chemi¬ 
cal reactions. Although it constitutes one of the oldest fields in 
physical chemistry the development of theory has been slow. 
The study of chemical kinetics is seriously complicated by the 
fact that traces of impurities often exert enormous influences. 
The industrial chemist has learned, empirically, how to obtain 
desired results through the control of temperature and concentra¬ 
tion, and the use of catalysts. Of the large number of possible 
reactions which can follow the mixing of reacting materials, he has 
learned to accelerate the one that he desires and to suppress the 
others. But he knows little concerning the intermediate steps 
or the actual mechanisms involved. These things must be stud- 
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ied by theoretical chemists who have an intellectual interest in 
them. It is to them that the present symposium belongs. 

No attempt has been made, in this symposium, to cover those 
individual reactions which have been studied extensively, such as 
those of nitrogen pentoxide or hydrogen peroxide, but the plan 
has been rather to study general principles and to bring in specific 
reactions only as illustrations. It should be pointed out, however, 
that the important advances have come from the investigation of 
uniquely simple reactions. For purposes of study a reaction 
should be free from side reactions and it should have the slowest 
step—the rate-determining step—so slow that all the other steps 
can be neglected in comparison with it. 

The field of kinetics is large. Therefore a discussion of hetero¬ 
geneous reactions, which take place at the surface of a solid, has 
been excluded. Such reactions have been treated adequately 
elsewhere (6, 7). 

Another field closely connected with kinetics is that of photo¬ 
chemistry. Much information concerning the mechanism of a 
reaction may be gained by giving to the molecules abnormal a- 
mounts of energy as in photochemical reactions. 

The study of homogeneous reactions is itself divided sharply 
into reactions in the gas phase and reactions in solution. The 
gas reactions are simpler because they are not complicated by the 
presence of a solvent and they have a great advantage in that the 
collision frequency can be calculated from the kinetic theory of 
gases. Few kineticists have studied both gas reactions and reac¬ 
tions in solution and little attempt has been made thus far to cor¬ 
relate the theories. Reactions in solution are profitably divided 
into those which involve non-polar compounds and those which 
involve polar compounds or ions. Non-polar, organic reactions 
are simple in that they do not involve electrostatic charges, but 
the ionic reactions are sometimes simplified for study if the charge 
becomes the predominating factor. For decades, velocities of 
organic reactions have been measured and valuable information 
concerning specific reactions has been accumulated. However, 
some of the data are of lesser importance in kinetics because they 
are not sufficiently accurate or because the reactions are too 



KINETICS OF HOMOGENEOUS REACTIONS 


3 


complex. Many reactions between ions are too rapid to measure, 
but some are slow and a new impetus has been given to their study 
by recent theories of solutions and catalysis. 

The early history of the theoretical study of reaction velocities 
began with the formulation of the mass law in 1867. The mathe¬ 
matical description of simple reaction rates, according to first or 
second order reactions, came next. In 1889 Arrhenius advanced 
the concept of active and passive molecules and gave an important 
formula connecting reaction rate with temperature. In 1915 sta¬ 
tistical mechanics was applied to the problem and the constant, 
E, in the Arrhenius equation 


d log, k 
d T 


E 

RT* 


or 


-E/RT 


was more closely associated with the energy of activation. In 
this equation k represents the specific reaction rate, T the abso¬ 
lute temperature, and R the gas constant. The physical signifi¬ 
cance of the integration constant s will be discussed in papers 
which follow. 

Before 1918 information was accumulating regarding specific 
reactions and the phenomenon of catalysis, but the theoretical 
work did not progress rapidly because there was no underlying 
hypothesis concerning the mechanism. In 1918 and 1919 the 
radiation hypothesis (8) was proposed, and although it survived 
but a few years it was extremely active in promoting the theory 
of chemical kinetics. When this hypothesis failed to explain uni- 
molecular reactions on the basis of radiation from the walls of the 
containing vessel the collision hypothesis, formerly regarded as 
inadequate, was reexamined and found to be satisfactory. 

The study of unimolecular gas-phase reactions has constituted 
one of the most active fields of research in kinetics. For a few 
years after its discovery in 1921 the unimolecular decomposition 
of nitrogen pentoxide (9) was the only example of this type of re¬ 
action, but now there are more than a dozen. They seem to be 
satisfactorily explained on the basis of collisions, assuming that a 
time lag exists between activation and collision. This hypothesis, 
originally proposed by Lindemann and elaborated by Hinshel- 
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wood, Christiansen, and Fowler and Rideal, has been most ex¬ 
tensively developed by 0. K. Rice and Ramsperger and by Kassel. 

In the following article Kassel gives a critical survey of the 
theories of unimolecular gas reactions, and considers various 
mechanisms for the activation which follows collision. The inter¬ 
esting influence of foreign gases is discussed also. His rather 
conservative attitude is desirable at a time when things are mov¬ 
ing so rapidly and when almost anything new is too readily 
accepted. 

The collision theory of unimolecular gas reactions gained con¬ 
siderable support from the prediction that the specific reaction 
rates would decrease at low pressures—a prediction which has 
been borne out by many experimental measurements. Ram¬ 
sperger has been active in establishing these facts; in the next arti¬ 
cle of this series he reviews all the theoretical and experimental 
material. The facts show that the collisions and the normal 
decomposition rates are maintained at low concentrations in 
the presence of an excess of certain inert gases. 

Chain reactions, originally proposed by Bodenstein and Nernst, 
have recently taken a place of importance in kinetics. Sometimes 
the energized products of an exothermic reaction are able to acti¬ 
vate new reactants by collision and thus pass their energy along 
in a chain involving many molecules. Such reactions have been 
the object of a great deal of research within the past five years, 
particularly in the study of explosions. The field is covered in a 
comprehensive manner by Lewis, who gives the theoretical 
background and then applies the theory to eight typical explosion 
reactions, going into considerable detail in the case of the reaction 
between hydrogen and oxygen. It has been realized for some 
time that reaction chains can be stopped by collisions with the 
walls, and that the explosion is profoundly affected by the dimen¬ 
sions of the containing vessel and by the pressure and composition 
of the reacting gases. The influence of foreign gases is particu¬ 
larly interesting here as well as in the unimolecular reactions. 
Not only are chains stopped by the walls of the vessel but in some 
reactions they appear to be initiated by adsorbed ions and atoms. 
This field was covered in special detail by Alyea at the symposium. 
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Progress in chemical kinetics has advanced and will continue 
to advance through the study of especially simple systems. 
Most of our reactions involve the activations of molecules, but 
reactions involving atoms comprise simpler phenomena. Reac¬ 
tions of halogen atoms and of alkali atoms have been investigated 
by Polanyi and others. It has been supposed that exothermic 
reactions between free atoms require no further activation. 
Kistiakowsky ably reviews this.field and shows that in many reac¬ 
tions additional energy must be supplied to make free atoms react. 
He emphasizes the fact that not every collision is effective and 
that the low efficiency varies greatly with different reactions. 
This steric hindrance factor must be considered in interpreting 
the experimental results. The contributions of quantum me¬ 
chanics are shown to be helpful in deciding between different 
mechanisms. 

There is a feeling that quantum mechanics can aid in the solution 
of many chemical problems. Substantial progress has already 
been made in chemical kinetics. Eyring has been successful in 
calculating certain energies of activation and reaction rates with 
the help of a few simple assumptions. In the review given 
hefff he has been unusually successful in explaining things 
ar non-mathematical language. The concepts on which the 
calculations are based are made clear with simple illustrations. 

The mechanism by which energy is exchanged in molecular 
collision is the object of a critical study by O. K. Rice. He con¬ 
siders vibrational frequencies and other mechanical properties, 
and calculates the probability of energy transfer at collision for 
several different gases. He then compares these probabilities 
with the relative influence of hydrogen and other gases on the fall¬ 
ing-off of the unimolecular constants at low pressures. 

Physical chemical theories often find their most fertile testing 
grounds in organic chemistry, where considerable information on 
molecular structure is already available and where the complicat¬ 
ing influence of electrostatic charges is minimized. The review 
by F. O. Rice on the decomposition of organic molecules will be 
found complete and suggestive. The manner in which a complex 
molecule breaks up, whether into new molecules or into free 
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radicals, is a matter of great interest. Free radicals are known to 
exist and to give characteristic band spectra. Their existence is 
now accepted by organic chemists. Whether they play a vital 
part in kinetics is still undecided, but the reactions of lead tetra¬ 
ethyl and other metallo-organic compounds are cited in favor of 
the view that free radicals are formed. A different viewpoint is 
advanced in some of the other reviews. The subject of pyrolysis 
is treated at some length, not from the point of view of descriptive 
organic chemistry, but from the point of view of the kineticist who 
is interested in learning how the ruptures occur. The cracking of 
paraffins and olefins and the decomposition of ketones, nitrogen 
compounds and various other types of organic molecules are dis¬ 
cussed in some detail. 

The order of a reaction, as determined from experimental 
measurements of velocities, often gives important information 
regarding the mechanism of the reaction, but it must be borne in 
mind that the measured rate is the rate of the slowest step in a 
series of steps. The intermediate compounds involved in such 
steps may be fleeting and difficult to identify, but it is possible in 
some cases to obtain considerable information regarding them. 
In this field the work of Bray has been outstanding. He sum¬ 
marizes here the various methods which can be used and illus¬ 
trates them with specific cases involving thermodynamics, re¬ 
verse reactions and consecutive reactions. 

The review just mentioned and all the others which follow it 
are concerned with reactions in liquid solutions. Aqueous solu¬ 
tions of ions have been studied thoroughly in physical chemistry, 
but the kinetics of reactions between electrolytes is a compara¬ 
tively unexplored field. The ions already contain an excess of 
energy and often do not require time to become activated. As a 
result most ionic reactions are immeasurably fast and cannot be 
studied from a kinetical standpoint. Important progress has 
been made, however, in some reactions which are sufficiently 
slow to permit experimental measurements. La Mer is particu¬ 
larly qualified to review this field on account of his contributions 
to the theory of electrolytes and his attempts to measure these 
fast ionic reactions. 
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His review of reaction velocity in ionic systems is unusually com¬ 
prehensive and timely. Bronsted’s theory of critical complexes 
is properly stressed as the guiding principle and a clear derivation 
is given for Bronsted’s formula. Interionic attraction and the 
primary and secondary salt effects are discussed, and Christian¬ 
sen’s illuminating treatment of bimolecular reactions in solution 
is emphasized. Finally, several new and significant experimental 
researches are reviewed. 

The effect of acids and bases in catalyzing certain reactions has 
been the object of careful investigations for half a century but a 
new impetus has been given within the last eight years by the 
proton theory of acids and bases proposed by Brdnsted and by 
Lowry. The studies of Bronsted on the effect of electrolytes on 
reaction rates, and the influence of the Debye-Hiickel theory of 
strong electrolytes have aided, too. The picture of acid and basic 
catalysis, as worked out and reviewed by Martin Kilpatrick and 
Mary L. Kilpatrick, is satisfactory and quite complete. The 
molecular acid as well as the proton play a part in reactions. 
The action of the acid with the solvent must be considered also. 
There is a similarity between the dissociation process of an acid 
and the catalytic process in which the proton is given to a mole¬ 
cule of reactant. Several factors are involved, as shown by the 
fact that the energy of activation varies with different catalytic 
conditions. 

The methods of statistical mechanics undoubtedly offer the 
most exact means for handling problems of kinetics. Scatchard 
gives a careful analysis of the possibilities as applied to liquid 
solutions together with the variables that must be considered. 
Obviously the treatment of liquid solutions is more complicated 
than the treatment of gases. 

Very few attempts have been made to correlate investigations 
in the gas phase with those in liquid solutions. The rate of de¬ 
composition of nitrogen pentoxide has been found to be approxi¬ 
mately the same in inert solvents as in the gas phase (10). This 
result might be expected in the case of unimolecular reactions. 
The comparison of rates of bimolecular reactions in the gas phase 
and in solution is a matter of great interest. It is generally con¬ 
ceded that nothing is known concerning collision frequency in the 
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liquid phase. On the other hand, with properly chosen reactions, 
it may be possible to throw some light on the nature and the signif¬ 
icance of collisions in liquids. No direct experimental measure¬ 
ments of the two are available as yet, but, in the last paper of this 
group, Moelwyn-Hughes gives a comprehensive review of es¬ 
tablished bimolecular reactions which occur in solution and com¬ 
pares them with the corresponding values calculated for the gas 
phase. 

In conclusion it may be said that real progress has been made 
in the theory of chemical kinetics during the past few years, but 
that important advances are still ahead. Rates of simple reac¬ 
tions can be described in exact mathematical language, but we 
have been successful in predicting reaction rates only in a few 
cases. We are still groping for a law that will assign definite 
energy values to specific valence bonds and permit simple calcula¬ 
tions of heats of activation. Possibly such a goal can never be 
attained. At present there is some difficulty in comparing heats 
of dissociation as obtained from thermochemical measurements 
with those calculated from spectral data. The values obtained 
from spectral data include the extra kinetic energy with which the 
reaction products are thrown out. 

We are looking for more definite physical interpretations of the 
Arrhenius equation, which has been so successful in representing 
the experimental facts. The form of the equation is such that 
extraordinary accuracy is required in measuring the temperature 
coefficient of the reaction rate before complete theoretical con¬ 
clusions can be drawn. Very few of the measurements of chem¬ 
ical kinetics now available are sufficiently accurate for this 
purpose. Furthermore the mathematical methods used in calcu¬ 
lating specific reaction rates from experimental data have been 
unsatisfactory in many cases. The averaging of a number of 
logarithmic equations has frequently led to a cancellation process, 
and, as a matter of fact, graphical methods for evaluating velocity 
constants are often better. The use of more exact calculations 
of rate constants has been discussed recently (11,12). 

Further information regarding diameters and the effectiveness 
of collisions in chemical reactions is needed. A good start has 



KINETICS OF HOMOGENEOUS REACTIONS 


9 


already been made and it seems likely that chemical kinetics may 
even be able to contribute something to physical kinetics. 

In the study of reaction rates in solution every effort should be 
made by means of physical measurements or otherwise to learn 
more about the intermediate compounds which determine the 
mechanism of the reaction. 

Progress in research can often be made by pushing experimen¬ 
tal conditions to extremes. Thus in chemical kinetics the experi¬ 
ments at very low pressures have already yielded material of 
considerable importance. Studies of reaction rates at high 
pressures are needed- also. Experimental measurements of ex¬ 
tremely rapid reactions, such as ionic reactions or the dissocia¬ 
tion of nitrogen tetroxide, would be valuable also. Some prog¬ 
ress has been made with fast reactions but new methods may 
yet be devised. Strange as it may seem, the very slow reactions 
have been neglected, although the only special technique that they 
require is patience. 

While experimental research is progressing, theoretical calcula¬ 
tions must keep pace. Although applications of quantum theory 
seem difficult it happens, frequently, that the problems become 
much simpler when the actual attack is made. Already quan¬ 
tum mechanics has offered an explanation for the observed 
decomposition rate of nitric oxide. A critical evaluation of our 
present concepts would be welcomed also. The theory of acti¬ 
vated molecules, and the calculation of energies of activation from 
temperature coefficients of reaction rates, seems fairly satisfac¬ 
tory, but it is possible that an entirely new viewpoint might be 
still more satisfactory. 

Research in chemical kinetics has suffered for lack of stimulat¬ 
ing hypotheses, but now the greatest need seems to be for accurate 
and complete experimental investigations of simple reactions. 
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THE DYNAMICS OF UNIMOLECULAR REACTION 1 
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Pittsburgh , Pennsylvania 

Received December 8, 1981 
HISTORICAL INTRODUCTION 

Six years ago the existence of unimolecular reactions consti¬ 
tuted the outstanding scandal of physical chemistry. It seemed 
impossible to deny that the molecules reacting had, on the aver¬ 
age, an excess energy which could be calculated from the tempera¬ 
ture coefficient of reaction rate in the well-known way. Yet it 
seemed equally impossible to discover any mechanism by which 
such activated molecules could be produced as fast as they were 
destroyed by the reaction. There were only three ways imagin¬ 
able by which molecules could be activated; these were absorption 
of radiation, collision with other ordinary molecules, and collision 
with reaction products which still retained high energy. The 
radiation hypothesis floundered in difficulties almost from the 
day of its birth; it managed to survive only by clothing its natur¬ 
ally simple form in such a maze of complications that for a time 
no one could be quite sure what it was or what it predicted, but 
by 1925 it had been virtually abandoned. The energy chain 
theory, proposed by Christiansen (1) in 1923, never met with 
much favor, yet has been astonishingly hardy. So far as unimolec¬ 
ular reactions were concerned, it faced two serious difficulties. 
One difficulty was that the rates were independent of the pres¬ 
ence of enormous amounts of inert gas, which might have been 

1 Contribution from the Pittsburgh Experiment Station of the U. S. Bureau of 
Mines. Published by permission of the Director, U. S. Bureau of Mines. Not 
subject to copyright. 

* Associate physical chemist, Pittsburgh Experiment Station, U. S. Bureau of 
Mines. 
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expected to have a deactivational effect; the high specificity of 
electronic energy transfers was cited as evidence that this would be 
possible, but there remained an uncomfortable feeling that decent 
chemical molecules would never behave so. The other difficulty 
was that some of the unimolecular reactions were endothermic, 
and for them an energy chain would appear quite impossible. 
It is not our purpose to trace the further history of energy chains, 
although it is a most interesting one. Whenever a difficulty 
has been encountered in reaction kinetics, energy chains have been 
proposed; nobody takes them quite seriously, and yet after the 
difficulty has been resolved in another way, it may be observed 
that they are again being brought out as the explanation of an¬ 
other reaction. At the moment it seems possible that energy 
chains may actually play a role in certain types of explosions; but 
in view of their long history, one feels the need of caution in ad¬ 
mitting this. 

The third imaginable way of obtaining activations was by ordi¬ 
nary collisions; it could not have been as interesting as its more 
esoteric rivals, since all the early calculations made what must 
now seem the obvious error of representing such a complex molecule 
as nitrogen pentoxide by a system with only one degree of free¬ 
dom. Both Rodebush (2) and Lewis and Smith (3) were very 
close to the present accepted solution; Lewis and Smith missed it 
apparently through a somewhat belated confidence in the radia¬ 
tion hypothesis; Rodebush, even earlier, could hardly have failed 
to calculate the rate of activation correctly, if he had calculated it 
at all, but his attention was focussed on the actual reaction proc¬ 
ess. There was thus a period of almost three years during which 
it was repeatedly shown that collisional activation could not be 
fast enough to account for the rate of unimolecular reactions; 
then, quite suddenly, at the end of this period, it was shown by 
Christiansen (4), Hinshelwood (5), Fowler and Rideal (6), Rice and 
Ramsperger (7), and Kassel (8) that it could be. Christiansen’s 
work was incompletely developed; Fowler and Rideal’s ignored, 
intentionally, the almost sacred principle of microscopic reversi¬ 
bility. The theories of Hinshelwood, Rice and Ramsperger, and 
Kassel were all quite similar; in essentials, they were as follows. 
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THE ACCEPTED THEORY AND ITS WEAKNESSES 

An activated molecule is one whose total internal energy ex¬ 
ceeds some limit, appropriate to the reaction in question; such mole¬ 
cules decompose spontaneously at rates which may be a function 
of their total energy. The activated molecules are produced at 
collisions. To calculate the rate at which they are produced, it is 
assumed that at every collision the internal energy of the two 
molecules is redistributed without regard to its former partition; 
then it can be calculated without uncertainty that only a negli¬ 
gible fraction of activated molecules will survive a collision. It is 
then assumed that the rate at which collisions produce activated 
molecules is equal to the rate at which they would destroy them, 
if the Maxwell-Boltzmann quota were maintained. It is never 
quite maintained, since some activated molecules are lost through 
reaction, but the maintenance is better the higher the pressure. 
It is only necessary to make precise assumptions about the energy 
states in which the molecule in question can exist and the specific 
reaction rates of those which are activated, in order to calculate 
the rate of reaction at any temperature and pressure. It turns 
out that this can always be done to give agreement with experi¬ 
ment, although for nitrogen pentoxide the margin is uncomfort¬ 
ably close. 

It is our present problem to search this theory for weaknesses 
and omissions which might have been overlooked in its younger 
days. It has been shown rather well that the assumption in 
regard to the rate of production of activated molecules is correct 
within two or three per cent, which is a quite sufficient refinement. 
The exact energy levels of complex molecules are not yet known 
experimentally, but there is little reason to think that our guesses 
on this point introduce serious errors. There remain then the 
assumption of complete redistribution of energy at every collision 
and the assumed specific reaction rates of the various activated 
states. Both of these require careful consideration. 

REDISTRIBUTION OF ENERGY AT COLLISIONS 

We shall consider first the evidence concerning redistribution 
of energy at collisions. The assumption which has been made is 
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that this redistribution is complete; this need not be taken quite 
literally, however. The rate of destruction of activated molecules 
will be almost unchanged if it is assumed that an activated mole¬ 
cule loses only about one-fifth of its energy at the average 
collision, instead of one-half. The question to be answered is 
whether this fifth will be lost in one collision, one hundred, or one 
million. Theoretical physics supplies no definite answer. Kall¬ 
mann and London (9) have shown that such transfers may be 
highly specific, and have indicated the possibility that they may 
even occur with somewhat enhanced diameters in cases of very 
good resonance. It has been demonstrated by O. K. Rice (10), 
however, that the method used does not give very good results 
in simpler cases, because of an unsatisfactory treatment of the 
relative motions of the two particles, and these enhanced diam¬ 
eters are thus doubtful. The more recent work of Zener (11) is 
not very directly applicable to the problem in question, since it is 
restricted to diatomic molecules and low quantum numbers; 
for such cases, it indicates values of about 10 ~ 6 for the probability 
of internal energy transfer at collisions. Experimental physics 
also is of little help. Kneser (12) has found that the velocity of 
sound in carbon dioxide rises at high frequencies to the theoretical 
value for a diatomic gas of the same molecular weight. This sug¬ 
gests that at these frequencies vibrational energy cannot come 
into equilibrium with translational and rotational in a quarter- 
cycle, during which about 1000 collisions are made. It does not 
exclude the possibility that vibrational energy transfers as such 
take place with greater rapidity. Miss Komfeld and Hilferding 
(13) have studied the thermal conductivity of gas mixtures; when 
these mixtures contained hydrogen as one component, the con¬ 
ductivity was less than that calculated on the assumption that 
energy transfers between the unlike molecules took place as read¬ 
ily as others, but sufficient results are not available to permit any 
definite conclusions. 

The evidence from unimolecular reaction rates is itself some¬ 
what ambiguous. Practically all of the numerical calculations 
that have been made are based quite explicitly on the assumption 
of complete redistribution. It is likely that this assumption would 



DYNAMICS OF UNIMOLECTJLAR REACTION 


15 


not have been made so frequently had not attention in former 
times been so sharply focussed on nitrogen pentoxide. The au¬ 
thor believes that existent theory does account for the rate of this 
reaction. This opinion can be maintained, however, only by 
the most optimistic arguments, and the assumption of redistribu¬ 
tion at every collision is an absolute necessity. Still, it should be 
emphasized that although there must be redistribution at every 
collision, there need not be complete redistribution, since the loss 
of about one-fifth of the excess energy will always be an effective 
deactivation. This was shown long ago by Rice and Ramsperger, 
although they did not apply it to exactly the present question. 
Thus, even for nitrogen pentoxide there is room for some persist¬ 
ence of internal energy. This much persistence would actually 
be very important for such properties as thermal conductivity, 
since three collisions instead of one would be needed to remove 
one-half of the excess energy of a molecule. 

For all other known reactions, the rate can be accounted for 
with a much wider margin. Since our knowledge of the internal 
energy relationships in complex molecules is so extremely scanty, 
no accurate statements can be made; but it is probably safe to 
say that the rates of decomposition of azomethane and of nitrous 
oxide could be reconciled with the assumption that an activated 
molecule would lose one-fifth of its excess energy only after a series 
of ten collisions. It is, however, quite possible to assume also that 
redistribution occurs at every collision. For still other reactions 
—the decompositions of at least three different ethers, of propion- 
aldehyde, and of dimethyltriazene—the data would be in harmony 
with a rate of internal energy transfer probably a hundredfold less. 
In all of these cases we can only say that the rate of transfer need 
not be high. It seems possible that the extremely interesting 
work reported by Kistiakowsky and Nelles (25) furnishes the 
first example of a reaction for which the assumption of a low 
rate of energy transfer is absolutely required. For this reaction— 
the isomerization of dimethyl maleate—there seem to be only 
about 10” 4 as many activations as the assumption of redistribu¬ 
tion at every collision would require, even when the minimum 
possible number of effective degrees of freedom is assumed. 
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Thus, of about twenty known unimolecular reactions there is 
one that seems to demand redistribution at every collision and 
one that indicates a much slower transfer of internal energy; none 
of the others provides definite information on this point. 

In this connection the behavior of chemically inert gases is 
of interest. Ever since the phenomenon of pressure-dependent 
first-order rate constants was discovered by Hinshelwood, it has 
been known that inert gases had specific effects in maintaining the 
high pressure rate—that is, in producing activations. It has al¬ 
ways been found that the monatomic gases are relatively ineffi¬ 
cient; owing to the experimental difficulties of the measurements, 
it can only be said that, molecule for molecule, they are not 
more than one-tenth as efficient as are the reactant gases them¬ 
selves. The diatomic gases, carbon monoxide and hydrogen, 
are also ineffective, except for the activation of the very small 
molecule, nitrous oxide. Hydrogen, on the other hand, is about 
as efficient as the reactant molecules in a considerable number 
of cases. More complex substances, such as methane and 
and ethane, show a variable, but usually high, efficiency. It has 
been shown by 0. K. Rice (14) that there is no difficulty in inter¬ 
preting these results; even such a simple molecule as hydrogen 
would be able to deactivate the most complex organic molecule, if 
complete redistribution were attained. Furthermore, at least 
the general character of the results is about what might be ex¬ 
pected; monatomic gases, which could deactivate only by acquir¬ 
ing large amounts of kinetic energy, ought to be inefficient, since 
processes involving large changes in kinetic energy are known to 
take place with difficulty. Hydrogen should be the most efficient 
diatomic gas. One reason for this is that suggested by Oldenberg 
(15), that a light molecule should be best able to remove the vi¬ 
brational energy of light hydrogen atoms; another is that, because 
of its small moment of inertia, hydrogen can take up relatively 
large amounts of rotational energy without much change in 
moment of momentum, the conservation of which may cause 
difficulty in other cases. It seems likely that this second reason 
may be of greater importance than the one suggested by Olden¬ 
berg, since the fact that hydrogen should be able to remove energy 
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efficiently from a single CH bond does not mean that it would be 
equally efficient in removing it from the entire molecule. 

THE SPECIFIC REACTION RATES FOR ACTIVATED MOLECULES 
Chemical nature of the reaction process 

We come now to a consideration of the second problem, the 
evaluation of specific reaction rates for the various activated 
states. The question of the exact nature of the reaction process 
is absolutely fundamental here. Before the physical mechanism 
of the elementary process can be discussed, its chemical formula¬ 
tion must first be known. This problem has attracted consider¬ 
able attention recently, but unfortunately very little progress has 
been made toward its solution. It is quite likely that different 
types of chemical processes occur. For the decompositions of the 
azo compounds studied by Ramsperger the primary process seems 
to involve the simultaneous splitting of both alkyl groups from 
nitrogen; the evidence for this comes from the work on the un- 
symmetrical compound, methylisopropyldiimide. The occur¬ 
rence of large amounts of ethane and hexane in the reaction prod¬ 
ucts shows that the alkyl groups do not combine at the instant of 
reaction, since in that case only butane would be formed. The 
fact that the activation energy for this case is about midway be¬ 
tween those for azomethane and for azoisopropane has been 
interpreted as evidence that both groups come off together, since 
otherwise the activation energy for the mixed compound would 
probably be nearly the same as that for azoisopropane, instead 
of being considerably higher. This argument, however, is ad¬ 
mittedly uncertain, and the primary process may be the rupture 
of a single CN bond. If the other view, that both alkyl groups 
split off at once, is correct, the reaction process can still be re¬ 
garded as one in which the breaking of bonds is an important 
element, although it should not be entirely overlooked that there 
is an electronic change of the nitrogen atoms corresponding to the 
transition from —N=N— to N=N. It is certain that this 
change is part of the primary process, since part of the energy 
made available by it is needed for breaking the carbon-nitrogen 
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bonds. There is no reaction known for which it can be said with 
assurance that the primary process is the rupture of one bond, 
without complications. The elementary act in the decomposition 
of nitryl chloride, studied by Schumacher and Sprenger (16), may 
be of this type, but the structure of that substance is entirely 
speculative. If the dissociation of nitrogen tetroxide is actually 
unimolecular, as it is usually supposed to be, it presumably involves 
nothing more than the breaking of a single bond. The decom¬ 
position of metal alkyls may also have the same simple character, 
but our knowledge of such reactions is very meager. Until re¬ 
cently it was considered probable that the decompositions of the 
higher hydrocarbons were initiated by the rupture of a carbon- 
carbon bond, since the activation energy for these reactions is 
65,000 calories, a value in agreement with old estimates of the 
strength of the carbon-carbon bond. More recent estimates of 
this strength, by Mecke (17) and by Hogness (18), are much 
larger, and appear to require a different primary process, such as 
formation of a paraffin (or hydrogen) and an olefin. This prob¬ 
lem has been discussed recently by F. 0. Rice (19) and by Burk 
(20); Burk upholds the view that a paraffin is split out in the ini¬ 
tial act, while Rice assumes free radical formation. Both attempt 
to obtain evidence from the composition of the reaction products, 
but without any very striking successes. Rice and Evering 
report (see p. 140) the occurrence of free radicals in hydrocarbon 
vapors after passage through a tube at 1Q00°C. This result is of 
course of great interest, but must be interpreted with some cau¬ 
tion, since it does not necessarily prove that the main course of the 
reaction at 600°C, involves free radicals. If the main course at 
600°C. did not involve free radicals, but a small amount of side 
reaction starting from free radical formation did occur, with an 
activation energy of 90,000 cal., this side reaction would be rel¬ 
atively 100 times as fast at 1000°C. But there is also a second 
explanation for the results of Rice and Evering. It seems possi¬ 
ble that the primary process in these reactions may be of the 
type 


C,H„ - CH 4 + CHjCH 
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This view has the advantage that the methyl group in splitting off 
captures a hydrogen atom from the carbon to which it was itself 
attached, rather than from a more distant atom, as is the case 
when ethylene is the initial product. The heat of the reaction 

CH.CH, - CHjCH + 2 H 

is presumably not much different from that of 

CHa « CH, + 2 H 

which has been estimated by Mecke as 150,000 cal.; on this basis 
the proposed initial reaction would be about 40,000 cal. endother¬ 
mic, instead of the 20,000 cal. corresponding to the primary forma¬ 
tion of ethylene. It is likely that CH 3 CH would behave like a 
free radical in a Paneth test such as used by Rice and Evering. 

In other cases it is not easy to avoid the assumption of groups 
splitting off from adjacent atoms rather than from a single atom. 
Thus methane and formaldehyde are formed from methyl ether, 
and methane and ketene are formed from acetone; these reactions 
cannot be interpreted as has been suggested for the case of 
propane. 

The primary process in the nitrous oxide decomposition is 
certainly 


NaO - N, + O 

It is not yet established whether the structure of this substance 
isN — O — NorN — N — O, and it is therefore not possible to 
classify this simplest of all unimolecular reactions.® 

It thus appears that at least a large number of the known 
unimolecular reactions may be considered to be of the type 

ABC - B + AC 


* The work of Plyler and Barker (Phys. Rev. 38, 1827 (1931)), which has ap¬ 
peared since this article was written, seems to prove that nitrous oxide has the 
linear structure N—N—O, so that its decomposition may tentatively be supposed 
to involve the rupture of only one bond. 
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where A, B and C represent suitably chosen atoms or radicals. 
This is illustrated by the following diagrams 

H H H 
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H—C— C—C—H - CH, + CHfCH 
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H H 
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- O a + N?Oj 


Probably most of the rest are of the simple rupture type 

AB - A + B 

Although these two do not necessarily exhaust the possibilities, 
they are undoubtedly the two types of most importance. 

Physical nature of the reaction process: the classical picture 

Having now reached the boundaries of our chemical knowledge, 
we may proceed to discuss the physical nature of the reaction proc¬ 
ess. Already in 1923 Rodebush had recognized that the reaction 
process involved accumulation of internal energy in some critical 
degree of freedom; this same picture was used by Rice and Ram- 
sperger and by Kassel. In this work it was assumed that the 
motion of energy within the molecule could be treated by ordinary 
mechanical methods. The details were purposely left as vague 
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as possible, but the model used in developing the theory can be 
reconstructed. Hinshelwood had made the assumption that all 
activated molecules, no matter what their total energy, had the 
same specific reaction rate. This seemed unlikely and also proved 
to be empirically unsatisfactory. In order to estimate the rela¬ 
tive reaction rates of molecules with different energy, let us sup¬ 
pose that there is some characteristic relaxation time, r, for each 
chemical species, such that within that time the internal energy 
distribution will be changed “considerably.” The chance that 
at any instant the degree of freedom involved in the actual reac¬ 
tion process will have sufficient energy for reaction to occur can 
be calculated in terms of the Hamiltonian function for the mole¬ 
cule and its total energy; there will be, roughly, \/t = A different 
distributions of energy per second, each of which has this cal¬ 
culated chance of being a true reaction distribution. Such a 
treatment, naturally, made the specific reaction rate increase 
rapidly with the total energy, and it is only when a rapid increase 
is assumed that the general theory works out well. The details 
of the treatment, of course, are approximations without any pre¬ 
tense at physical reality, but the introduction of a rather vaguely 
defined relaxation time is just the sort of approximation that one 
might make in treating any macroscopic vibrating system. 
Polanyi and Wigner (21) stated all this much more explicitly, but 
they made what turns out to be the rather bad assumption of 
identifying the constant A with some vibrational frequency of the 
molecule; there seem to be no good reasons for doing this, and A 
is actually far more variable from one reaction to another than 
this identification would permit. It must be kept in mind, 
however, that the A which occurs in the rate expression, 

k.Ae- S/BT 

and which is thus determined experimentally, is not necessarily re¬ 
lated in any very simple way to the actual process of energy 
transfer. The assumption of a relaxation time is a rather severe 
simplification, and even with this assumption, it is only with the 
particular form of the theory used by Kassel that the same A falls 
out for the rate constant as was put in for the relaxation time. 
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As has been pointed out by 0. K. Rice more than once, there must 
be groups of degrees of freedom within which energy transfer is 
relatively easy, but between which it is difficult. Complications 
of this sort muddle the theory to such an extent that neither A nor 
E of the rate equation have any exactly assignable meaning of a 
non-statistical character. 

Physical nature of the reaction process: the radioactive analogy 

In addition to this inherently simple picture of the reaction 
process, two other theories have been proposed, both based upon 
quantum mechanics. We shall consider first the view that the 
reaction process is the non-classical escape through an energy wall 
that has been so successfully applied to the problem of alpha- 
particle radioactivity. This possibility was mentioned by 
Polanyi and Wigner (21) in 1928, but rejected without much 
consideration. Later it was definitely proposed by Bourgin (22), 
and it is apparently involved also in the work of Langer (23). 
The mathematical treatment given by Bourgin, and also that in 
the recent attempt of Roginsky and Rosenkewitsch (24) at a 
critical discussion, is far from satisfactory. Although it is clear 
from the work of Rice and Ramsperger and Kassel that this is a 
very bad approximation indeed, it is nevertheless assumed that 
the treatment need consider only the single quantum state that 
makes the greatest contribution at the temperature in question. 
But the greatest objections must be made, not against the mathe¬ 
matical methods, but against the idea itself. There are two 
main criticisms of this character. One is that the degrees of 
freedom not directly concerned in the process seem to pass out 
of the picture altogether and the old problem of the source of acti¬ 
vations becomes as puzzling as it ever was. The other objection 
is that if one makes any sort of plausible assumption about the 
form of the energy hump through which the leak occurs, it turns 
out that there cannot be any important contribution from this 
source. The rate of reaction from any quantum state is con¬ 
trolled by two exponential factors, one of which gives the Max- 
well-Boltzmann quota for that state, e~ w/kT , while the other gives 
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the specific reaction rate which is approximately of the form e~ 2FM 
where 

8 T»m C zt _ 

F*- — itf-J Vv(x)-Wdx 

With reasonable numerical values, the decrease in the Boltzmann 
factor with increase in W will be much more than compensated 
by the increase in the rate of leak, almost up to the top of the 
energy hump. It may be advantageous for the molecule to leak 
through the last few hundred calories instead of climbing all the 
way, but for all practical purposes the theory collapses upon 
analysis. This was really shown by Roginsky and Rosenkewitsch, 
although rather obscurely, and it is possible that they did not 
themselves realize it. The case of radioactivity is different, 
largely because the energy wall there, although high, is very thin, 
and the rate of leak is therefore enormously increased. It must 
thus be considered very unlikely that there is any resemblance in 
mechanism between unimolecular reaction and radioactive 
decomposition. 

Physical nature of the reaction process: the Auger effect picture 

We come now to consideration of the other proposed quantum 
mechanical mechanism for unimolecular reaction; this is the 
generalized Auger effect. The simple Auger effect is the spontan¬ 
eous ionization of an excited atom. It is naturally necessary for 
the excitation energy to exceed the ionization energy of the unex¬ 
cited particle; the electron is then ejected with sufficient velocity 
to balance the energy account. By the generalized effect, we 
shall understand any non-radiative transition of a system from a 
state in the discrete region of its energy spectrum to one in the 
continuum; the two states must of course have the same energy. 
The phenomenon of predissociation involves an effect of this 
character. It has been suggested by O. K. Rice and by Kassel 
that unimolecular reactions are analogous to predissociation; 
but since this latter phenomenon involves some features ex¬ 
traneous to the former case, it seems better to speak merely of 
an Auger effect, as has since been done by Roginsky and Rosenke- 
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witsch. There is little doubt that unimolecular reaction may be 
correctly described in this way. However, the question arises 
whether in so doing we may not be using a more complex appara¬ 
tus than the problem requires. The situation seems to the writer 
to be as follows: if the reaction process involves an electron quan¬ 
tum jump, then probably the language of the Auger effect is 
needed. If, however, the elementary act takes place adiabatic- 
ally, it would appear that the molecule merely breaks as any 
mechanical system might, owing to the accumulation of vibra¬ 
tional energy at a weak point; if this is so, then the reaction pro¬ 
cess has really nothing to do with quantum mechanics. 

The situation suggested here is really very similar to that which 
is developing with bimolecular reactions. The quantum mechan¬ 
ical theory of these processes, which has been given by Eyring 
and Polanyi and which is discussed by Eyring (see p. 103), is 
really only a quantum mechanical theory of the interatomic forces; 
within the force field given by their calculations, the atoms are 
supposed to move in an essentially classical way, giving an adiaba¬ 
tic reaction process. Such a mechanism may not be unobjection¬ 
able, but the method has been applied in a sufficient number of 
cases to make it very probable that it does represent the most 
important features of the process. Likewise it may be hoped that 
unimolecular reactions have an essentially classical mechanism. 

It is unfortunate that the electronic structure of molecules is 
still so little understood; the physicist has been much concerned 
during the last few years with this problem, but the results ob¬ 
tained so far are of little use to us here. It does seem that very 
profound changes in binding can occur without anything that is 
really a quantum jump, and there is thus some support for our 
idea that the mechanism of unimolecular reaction is essentially 
classical. But at the present time it cannot be said that none 
of the known reactions involves an electronic change. 
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Some six years ago there existed no adequate theoretical inter¬ 
pretation of homogeneous unimolecular reactions. At that 
time only one genuine reaction of this type was known, namely, the 
decomposition of nitrogen pentoxide. At present we have a list 
of some fifteen unimolecular reactions and a theoretical interpre¬ 
tation which is not badly in disagreement with any of these reac¬ 
tions and is strikingly in accord with some of the most thoroughly 
studied ones. This state of affairs gives strong support to the 
belief that the kinetic picture provided by the theory is essentially 
correct, admitting, however, that the detailed nature of the proc¬ 
ess is not yet clear. The purpose of this paper is (/) to point out 
certain unique characteristics of the present theory that are ca¬ 
pable of experimental test, and (2) to show to what extent these 
unique characteristics agree with the experimental data now 
available. 

When a single molecule decomposes or undergoes an internal 
rearrangement the reaction is said to have a unimolecular mecha¬ 
nism. Frequently, however, in decomposition reactions the entire 
chemical change that is being measured represents more than one 
reaction step, but when one of these steps is very much slower than 
all other steps the course of the chemical change will be an accu¬ 
rate description of the course of the slow step. Now we are in 
some doubt about the complete mechanism of the decomposition 
reactions described as unimolecular, yet because they fulfill certain 

1 Contribution No. 303 from the Gates Chemical Laboratory, California Insti¬ 
tute of Technology. 
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requirements expected of a unimolecular process we feel quite cer¬ 
tain that we are measuring the rate of a slow unimolecular step. 
Before a reaction can be designated as having a unimolecular 
mechanism it must be shown to have certain unique characteris¬ 
tics expected on theoretical grounds for such a reaction. 

QUALITATIVE THEORETICAL CONSIDERATIONS 

It is now generally accepted that a molecule that is capable of 
reaction must be activated, that is, have an unusually high energy 
content. This energy is obtained by collisions with other mole¬ 
cules. Such activated molecules may either react spontaneously 
or be deactivated by the succeeding collisions. We may then 
consider two extreme cases. At sufficiently high pressures most 
of the activated molecules will be deactivated by the frequent 
collisions that occur, and only a small fraction of the activated 
molecules react. This will be the case if there is a time lag be¬ 
tween activation and reaction. The Maxwell-Boltzmann quota 
of activated molecules will then be maintained. The molecules 
reacting in unit volume in an interval of time d< will therefore be a 
small fraction of the total number of molecules in unit volume; or, 
mathematically, 



where N is the number of molecules per cubic centimeter and k 
is the first order reaction rate constant (1). 

The other extreme case of pressures sufficiently low so that every 
molecule is given time enough to react spontaneously before 
deactivation by collision will give a different result. Here the 
rate of reaction is identical with the rate of activation. The 
number of molecules activated per unit volume in a time interval 
d t is proportional to the number of collisions in unit volume and 
time d t. The number of such collisions is proportional to the 
square of the concentration and thus we obtain for the rate of the 
reaction the expression 


AN/At - kiN' 
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where k% is the second order rate constant. There will evidently 
be an intermediate pressure range over which the reaction is 
changing continuously from first order to second order. A reac¬ 
tion having a bimolecular mechanism can be shown to be of 
second order or of higher order, so that we have a unique criterion 
for a unimolecular mechanism. 

OUTLINE OF PRESENT THEORIES 

In order to make this qualitative result quantitative it is neces¬ 
sary to specify more exactly the nature of the activation and to 
make some assumptions concerning the chance of reaction of 
activated molecules. The simplest assumption to make is that a 
molecule is activated if the molecule as a whole contains energy 
greater than some limiting value « 0 , to be known as the critical 
energy. We may further suppose that the chance that an acti¬ 
vated molecule reacts be independent of the location of the energy 
within the molecule and independent of the amount of energy in 
excess of « 0 . This theory is known as Theory I (2). 

Before deriving an expression for the rate constant for this 
theory some method of calculating the rate of activation is 
needed. The simplest procedure is to use the principle of micro¬ 
scopic reversibility and to set the rate of activation equal to the 
rate of deactivation at equilibrium (3). The assumption is then 
made that each collision of an activated molecule removes suffi¬ 
cient energy to deactivate it; thus the rate of activation is equal to 
the number of collisions per unit time made by activated mole¬ 
cules. When the quota of activated molecules is not maintained, 
their rate of formation may still be set equal to the rate of deacti¬ 
vation under equilibrium conditions, since the fact of reaction 
does not affect the rate at which they are formed. 

Let W be the fraction of activated molecules calculated from 
the distribution law. The number of collisions of activated 
molecules at equilibrium, which is also the rate of activation at 
both.high and low pressures, is then aN^W where a is a kinetic 
theory constant. This rate of activation is to be balanced by the 
combined rates of deactivation and reaction. If Z is the actually 
existing number of activated molecules per unit volume, the rate 
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of deactivation is aNZ, and since a fraction of the activated 
molecules react, their rate of reaction is bZ, b being the specific rate 
constant for activated molecules. Then 

aN*W - aNZ + bZ (1) 

Let k be the fraction of all of the molecules reacting per second. 
Then 


k = bZ/N (2) 

Solving for Z from equation 1 and substituting in equation 2 we 
obtain 


k - 


bW 



(3) 


At high pressures the actually existing number of activated 
molecules is Z = NW. Then the rate constant is 


k a = bNW/N = bW 

and substituting in equation 3 we have 

k 

ic „- r _ 

l + —— 
aNW 


(4) 


a = 4s J V wkT/m, where s is the molecular .diameter, m is the mass 
of a molecule, and k is the gas constant per molecule. From 
classical statistical mechanics 



e 



n — 2 



n — 2kT 
2 eo 


where c 0 is the critical energy and n is the number of internal 
squared terms. The second and higher terms can usually be 
neglected. 

When N becomes sufficiently large, the second term in the 
denominator of equation 4 becomes negligibly small compared 
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with unity and k <= k a , the first order high pressure rate con¬ 
stant. When, however, N is sufficiently small the second term 
becomes large compared with unity and k is proportional to N, 
that is, the reaction is of the second order. 

This theory has mathematical simplicity to commend it but 
some of the most thoroughly studied reactions are not in agree¬ 
ment with it. The assumptions upon which it is based are prob¬ 
ably too simple for at least some of the unimolecular reactions. 
It is particularly undesirable that the chance of reaction of an 
activated molecule be independent of the energy it has in excess of 
some minimum quantity. Furthermore, it might be expected 
that the molecules that react have the necessary energy localized 
in that part of the molecule where dissociation or rearrangement is 
to occur. 

Theories II and III require that reaction occur when the energy 
eo becomes localized in a limited region of the molecule. An 
activated molecule is any molecule whose total internal energy, 
distributed in any manner among all of the degrees of freedom, is 
greater than « 0 . It is then assumed that this energy is being con¬ 
tinually redistributed within the molecule between collisions, 
thus making it possible to localize sufficient energy so that reac¬ 
tion results. This also gives a kinetic picture to the time lag 
between activation and reaction. 

We are then interested in the rate at which activated, molecules 
of total energy t greater than e 0 change over into reactive molecules 
having a localized energy of « 0 (4). If a condition of equilibrium 
between reactive and activated molecules were to exist, then the 
rate at which reactive molecules revert to non-reactive but 
activated molecules would be identical with the rate at which 
reactive molecules are formed. It is assumed that the rate at 
which reactive molecules become non-reactive is proportional to 
the number of reactive molecules which would exist at equi¬ 
librium. This then is also the rate of formation of reactive mole¬ 
cules and, since every reactive molecule reacts, it is the rate of 
reaction of activated molecules. Now the fraction of activated 
molecules of energy e which at equilibrium would be reactive 
(i.e., contain a localized energy «#) becomes much greater as e is 
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increased, hence an activated molecule having an energy con¬ 
siderably in excess of c 0 is more likely to react than one with but 
little excess energy. According to Theory II of Rice and Rams- 
perger the energy «o must be localized in one squared term, and 
according to Theory III of Kassel (5) (a special case under “Other 
Theories” b of Rice and Ramsperger) the energy « 0 is localized in 
two squared terms. Experimental data have not been sufficiently 
accurate to decide between the two theories. The two squared 
terms used in Theory III may be identified with a vibrational 
degree of freedom and the mathematical treatment of this theory 
is more simple. 

An expression for the rate constant as a function of the concen¬ 
tration is similar in form to that of Theory I (6). It is necessary 
now, however, to specify the energy of activated molecules, for the 
specific rate constant b of such molecules is now a function of their 
energy while according to Theory I it was independent of«. One 
must therefore replace W by W t dt and b by b ( and integrate over 
all energies from E = E 0 to E = °°. We then obtain the equa¬ 
tion 



W b dt 

t t 


1 + 


aN 


(5) 


The equations for W f dt and for a have already been given. b t 
differs slightly in the two theories. In Theory III it has the 
value 



where 



is the fraction of activated molecules which would at equilibrium 
have energy e 0 or more in two squared terms and A is the propor¬ 
tionality constant. This constant A may be evaluated in terms 
of the high pressure rate constant (7) and is found to be 


A 


- jfc_ 


JS 


( 8 ) 
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In all of these theories classical statistical mechanics has been 
used. Any actual molecule would be more accurately represented 
with quantized oscillators. Rice (8) and Kassel (9) have given 
quantum modifications of Theories II and III. The shape of the 
curve log k against log p obtained with these treatments is not 
sufficiently different from the classical curve so that the available 
experimental data enable us to choose between them. 

PREDICTIONS OP THE THEORY 

Sufficient mathematical theory is now presented so that certain 
unique characteristics to be expected for a unimolecular reaction 
are specified. A reaction can be quite definitely designated as 
unimolecular if it is qualitatively in agreement with the theoretical 
requirements of a unimolecular reaction and not with those 
expected for other mechanisms. A quantitative comparison of 
theory and experiment will allow us to decide which of the several 
theories most accurately represents the data and will sometimes 
furnish evidence as to whether the assumptions made were com¬ 
pletely justified. 

The most important qualitative characteristic of a unimolecular 
reaction has already been stated, namely, the expectation of a 
first order rate at sufficiently high pressures, a second order rate at 
sufficiently low pressures and a continuously changing order at 
intermediate pressures. However, the form of the pressure-rate 
constant curve in the region of transition from first to second order 
is not the same for Theory I as it is for the other theories. The 
rate equation for Theory I can be put into the form 

1 = — + 1 
k k a aWN 

If then 1 /k is plotted against 1 /N (or 1/p), a straight line of slope 
1 /aW and an intercept at 1 /k a should be obtained (10). Theo¬ 
ries II and III will give a curved plot, the curvature being greatest 
when the number of squared terms is large. Figure 1 shows such 
a plot applied to the decomposition of azomethane at T = 603°, 
and to the decomposition of nitrous oxide at T = 938° (upper 
curve). The straight line is the theoretical curve for Theory I, 
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w hil e the points are experimental. For azomethane the diameter 
chosen is 6 X 10- 8 cm. and n is 25, while for nitrous oxide the 
diame ter chosen was 3.05 X 10' 8 cm. and n — 2. It is evident 




P(mm ) 

Fig. lb. Azomethane at 330°C. 


that, in the case of azomethane where the number of squared 
terms is large, the line representing the experimental points 
shows a strong curvature, but that the nitrous oxide points fall 
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very close to the theoretical straight line with the exception of the 
two lowest pressure points. 

The two forms of the theory exhibit another difference which 
is sometimes capable of experimental test. On the basis of 
Theory I, as the pressure is lowered the rate falls off to very nearly 
the same extent at different temperatures, but in the other theo¬ 
ries the rate falls off more rapidly at the higher temperature. 
That is, the temperature coefficient on the basis of Theory I is 
nearly the same for all pressures' extending from those giving a 
first order rate down to those giving a second order rate, while the 
other theories have a lower temperature coefficient in the second 
order region. This may be seen by differentiating the rate 
expressions for the limiting first and second order regions. At 
infinitely low pressures both forms of the theory reduce to 

k 

k * aNW or k 2 ~ = a W 

N 

Then 

n — 3 

d In h _ d In (q W) _ <0 ~ 2__ Ut 

dT dr ” kT* = kT* 

For Theory I 

n — 2 

d In d In W C ° 2~ U, 

dr dr kT* = kT* ( ’ 


where Ut and f7i are the Arrhenius heats of activation per mole¬ 
cule. Since the critical energy « 0 is a fixed quantity, we see that 
in Theory I Ut is less than U x by only %tcT. For Theory III from 
equation 6 

d In Ut 

dr " kT* “ kT* 


Theory II gives 

Ui = <o + i kT 

Thus in Theory III U 2 is smaller than U x by - ~ - ^ kT. The 

2 

differences between Theory I and the localized energy theories will 
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therefore become less if n becomes less, and they of course also 
become less if the critical energy is localized in more squared terms. 

We must now consider another characteristic of a unimolecular 
reaction which is true of both forms of the theory, namely, the 
effect of the products of the reaction or of other inert gases on the 
rate (11). At pressures high enough so that a first order rate 
constant is obtained the addition of inert gases cannot have an 
effect, because the rate of activation is already rapid enough to 
establish the Maxwell-Boltzmann quota of activated molecules. 
In fact, we should expect that even dissolving the reacting sub¬ 
stance in a solvent would not affect the rate, unless the internal 
nature of the molecules was altered by the very close proximity of 
other molecules so that the heat of activation or the constant A 
was changed. When the pressures are such that the reaction is in 
the region of transition from first to second order, it will be pos¬ 
sible for inert gases to increase the rate of activation and thereby 
increase the number of activated molecules actually present (Z) tc 
a value nearer the equilibrium quota (JVW). This they will dc 
if on collision with an activated molecule they remove sufficienl 
energy to deactivate it, for then, by the principle of microscopic 
reversibility, the rate of activation will be equal to the rate oi 
deactivation. Should the inert gas be as effective in producing 
activation as the decomposing molecules, we can write for N ir 
equations 4 and 5 the total number of molecules per cubic centi¬ 
meter and make the appropriate minor changes in the kinetic 
theory constant a. When the inert products of the reaction arc 
effective in producing activation, the rate constant will not fal 
off during the run to the extent that would be calculated from the 
partial pressure of the reacting gas, and, in fact, if the pressure 
increases during the progress of the run it would even be theo 
retically possible for the first order constant to increase. If, how 
ever, statistical equilibrium is not obtained between the molecule! 
during collision, there may be insufficient energy transferred tc 
the inert gas molecule to deactivate an activated molecule 
This may be due to improper orientation of the two molecules o; 
to poor resonance between them, a condition not nearly so likelj 
to exist between two of the reacting molecules. We may there 
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fore expect variations in the effect of inert gases from zero to an 
effect equal to that of the reacting gas itself. When a positive 
effect is produced we have here a distinguishing characteristic of a 
unimolecular reaction which will be especially useful in the second 
order region where it will be necessary to decide between a bi- 
molecular mechanism and a unimolecular mechanism. 2 

QUALITATIVE COMPARISON OF EXPERIMENT WITH THEORY 

The reactions listed in table 1 are those for which the experi¬ 
mental data indicate quite definitely a unimolecular mechanism. 
The pressure and temperature range over which the reactions 
have been investigated are given and the constants A and Q 
in the rate expression 

__o_ 

k a = A e RT 

are listed. The values given for n designate the number of classi¬ 
cal squared terms required to fit the data with either Theory II 
or Theory III. In addition to those listed there are several others 
which are probably also unimolecular but for which the data are less 
satisfactory or not sufficiently complete for inclusion in the table. 
These include the decomposition of nitryl chloride (26), for which 
k „ has not been determined, the decomposition of acetone (27), 
of dipropyl ether (28), and of propylamine (29), which is some¬ 
what similar to ethylamine. The isomerization of maleic ester 
(30) will be considered later. 

We must now examine the evidence for designating these 
reactions as unimolecular. In each case there is evidence that the 
reaction is homogeneous. A large increase in the surface to 
volume ratio has either no effect or only a slight effect on the rate 
of the reaction. Presumably, also, there are no homogeneous 
catalysts present, since at least some of these reactions are repro¬ 
ducible with different samples or even with samples prepared by a 
different method. The amount of an impurity acting as a 

* It is desirable to use the terms unimolecular, bimolecular, etc. to apply to the 
mechanism of the reaction and to distinguish clearly between the mechanism and 
the order of a reaction. Thus, a unimolecular reaction which is of the second 
order Bhould no longer be designated as bimolecular. 
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catalyst would undoubtedly vary considerably under these 
circumstances. While not all of these reactions have been shown 
to be independent of the degree of purification, the similarity in 
chemical kinetics of the entire group is some justification for 
classifying them all as uncatalyzed until they should be proved 
otherwise. 

The first qualitative criterion of unimolecularity which we 
shall examine is that the reaction should be of the first order at 
sufficiently high pressures. The reaction rates of d-pinene, azo¬ 
isopropane, ethylene oxide, ethylamine, and trichloromethyl 
chloroformate have been found to be of the first order over the 
entire pressure range studied. The decomposition of nitrogen 
pentoxide is of the first order over the enormous pressure range 
from 70.0 cm. to 0.006 cm. All of the other reactions have been 
studied in the region of transition from first to second order and it 
is often experimentally difficult to include a sufficient pressure 
range to be certain of the value of the asymptotic high pressure 
rate constant. The values of A given in the table are therefore 
somewhat uncertain for all of these transition reactions and are 
probably a little low in all cases. For propionaldehyde and 
diethyl ether no very good estimate can be made of k w) neverthe¬ 
less for these reactions also the rate constant is approaching a 
limiting value. In determining whether or not the rate constant 
has reached its high pressure value, it is found that plotting the 
rate constant against the pressure is not sufficiently sensitive. An 
apparently nearly asymptotic curve will prove to be not nearly 
asymptotic when log k is plotted against log p. Another method of 
determining k„ is to plot 1/k against 1/p. If Theory I holds, 
this should yield a straight line with intercept at 1 /k a . It will 
also be possible to estimate the intercept when the curvature is not 
great, as would in fact be the case for the localized energy theories 
if the number of squared terms was small. The values of A for 
the ethers and nitrous oxide have been found by one or the other 
of these two methods of extrapolation. 3 The values of A for 

* Values of A given in a previous publication by the author (24) were calcu¬ 
lated directly from data given in the original papers and therefore differ slightly 
from the extrapolated values. 



40 


HERMAN C. RAMSPERGER 


azomethane, azoisopropane and dimethyltriazene are taken 
directly from the highest pressure data in the original papers, but 
these values may likewise be a few per cent too low. The cri¬ 
terion of a first order rate at sufficiently high pressures is thus 
fairly well satisfied by the entire list of reactions. 

The second criterion, namely, that at lower pressures the rate 
constant should decrease with decreasing pressure, has not been 
experimentally verified in the five reactions already mentioned. 
However, as we shall see later, a quantitative treatment will show 
that a sufficiently low pressure has not been reached in these cases 
to demand a falling off in the rate. The other reactions all show a 
continuously changing order as the pressure is decreased, but in no 
case has the asymptotic second order constant been reached. 
Such an enormous pressure range is required to obtain both the 
limiting first and second order rate constants that they cannot be 
readily realized, except possibly when the number of squared 
terms is small. In this case the transition occurs more rapidly. 
For this reason the decomposition of nitrous oxide comes nearest 
to a realization of both orders. 

The qualitative effect of inert gases in maintaining the rate at 
pressures in the transition region has been tested in most of these 
reactions. That such an effect is present is indicated by the fact 
that the first order rate constant remains nearly constant during 
the course of a run even though the partial pressure of the reacting 
substance decreases to a rather low value. This is clearly so with 
the two azo compounds and with dimethyltfiazene, and in the low 
pressure nitrogen pentoxide experiments of Ramsperger and 
Tolman and also in those of Schumacher and Sprenger (12). 
However, Hodges and Linhorst (12) find, especially in their 
lowest pressure experiment, a falling off during the run which is 
even somewhat greater than it would be without the products 
present. The reaction products partly maintain the rate of 
nitrous oxide and propionaldehyde. 

When the reaction products were added to the ethers an increase 
in rate resulted, except in the case of diethyl ether where some 
unexplained retardation occurred. Hydrogen has the most effect 
in maintaining the rate of decomposition of all of the ethers, it 
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being as effective as the ethers themselves. However, large 
amounts of hydrogen do not increase the rate above the high pres¬ 
sure asymptotic value, which is of course as it should be. Gases 
such as helium, nitrogen, carbon monoxide, methane, and others 
have little or no effect in maintaining the rate of ether decomposi¬ 
tion. Nitrogen has little effect in maintaining the decomposition 
rate of azomethane, but ethane is nearly as effective as azome¬ 
thane itself (31). The effect of nitrogen, oxygen and particularly 
carbon dioxide in maintaining the rate of decomposition of 
nitrous oxide gave the first evidence that this reaction was really 
unimolecular. At the lower pressures studied this reaction is 
much more nearly of the second order than of the first order with 
respect to initial pressure. The effects of these inert gases and a 
later study of the reaction at high pressures have shown quite 
conclusively that this reaction is unimolecular rather than bi- 
molecular. 

On the whole it must be concluded that the effects of inert gases 
in maintaining the rate are a specific property of both the inert 
gas and the reacting substance. The best explanation seems to be 
that a lack of resonance between the inert gas and the reacting 
molecules hinders the transfer of energy in those cases where the 
inert gas is without influence. 

The decomposition of nitrogen pentoxide (32) and the rearrange¬ 
ment of pinene (14) have been found to react but little faster in 
solution than in the gas phase. Here the theory indicates that no 
change should occur unless the solvent alters the internal nature of 
the molecule. The data on the temperature coefficient of these 
reactions is not good enough to determine whether the small in¬ 
crease in rate is to be ascribed entirely to a change in the heat of 
activation. 

QUANTITATIVE COMPARISON OF EXPERIMENT AND THEORY 

We have now shown that from a qualitative point of view the 
reactions listed in table 1 have the unique characteristics expected 
on theoretical grounds for unimolecular reactions. We shall now 
make a quantitative comparison between experiment and theory. 

When 1/A; is plotted against 1/p as in figure 1 the experimental 
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points will show a curvature in such a direction that the rate is 
maintained better at the lower pressures if a localized energy 
theory is being obeyed. Such a curvature is found for all of the 
ethers and for the two azo compounds which fall off. For 
dimethyltriazene the curvature is very slight, and for nitrous 
oxide a very nearly straight line is obtained. Approximately 
straight lines are obtained with propionaldehyde and with nitrogen 
pentoxide, but the data for nitrogen pentoxide are not very 



accurate over the relatively small pressure range in which the 
rate is decreasing. From the slope of the straight line one ob¬ 
tains the quantity aW. Three constants appear in aW ; the 
molecular diameter for which a reasonable kinetic theory value is 
chosen, « 0 which is obtained from XJ x by equation 7, and n whose 
value can then be determined from the experimental value of aW. 
For nitrous oxide, n is found to be about 2; for propionaldehyde, 
n = 11; and for dimethyltriazene, n = 14. For nitrogen 
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pentoxide an impossibly high value of n would be obtained with 
this theory. 

A localized energy theory must be applied to the other reactions. 
Equation 5 is put into a form suitable for integration (2, 5) and 
either a graphical or a numerical integration is performed for each 
of several pressures. A graphical plot for azomethane at T - 603° 
and n = 25 is shown in figure 2. The outer curve is for infinite 
pressure while the other curves are for pressures which may be 



Fig. 3. Azomethane at 290°C. and at 330°C. 

S' 

calculated from the values of —, where & is 13.6 when s = 6 X 

V 

10" 8 cm., p being in millimeters. 

From the relative areas a curve may be plotted of log k/k a 
against log p. Figure 3 shows two such theoretical curves for 
azomethane, the upper one being for T = 563° and the lower one 
for T = 603°. The relative positions of the curves at different 
temperatures are fixed. In order to fit the data best it will be 
permissible to move the two curves simultaneously to the right or 
left; this operation results only in a small change in the molecular 
diameter. The relative position of the experimental points can 
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be shifted up or down only by an amount depending on the uncer¬ 
tainty in k a . The best allowable fit between the experimental 
points and theoretical curves has been made in figure 3. 

The value of » has been determined in similar manner for the 
other reactions which showed curvature on the 1/k against 1/p 
plot. In some cases, however, the uncertainty in the experi¬ 
mental value of k a allows a considerable latitude in fitting the 
curve. In all of these cases Theory II or Theory III can be made 
to fit the data probably within the experimental error. The rates 
of the azo compounds, azomethane andmethylisopropyldiimide, at 
the lowest pressures studied differ from the Theory I curve by a 
factor of ten. For those reactions for which no falling off was 
observed, a lower limit for n may be determined by assuming that 
they would begin to fall off in rate at pressures just below the 
lowest pressures studied. If a reduction in rate constant of only 
five to ten per cent is made, Theory I and the localized energy 
theories will give about the same value of n, and since Theory I is 
easier to apply it has been used to determine n for these reactions. 

The number of squared terms has now been evaluated for all 
the reactions listed in table 1 except nitrogen pentoxide. The 
rapid rate of decomposition of this substance has been an out¬ 
standing difficulty for rate of reaction theories ever since its 
discovery. The difficulty was most acute when experiments made 
a few years ago showed no decrease in the rate down to pressures 
of 0.03 mm., and in some cases even showed an increase. During 
the past two years three papers have appeared, all of which show a 
falling off in rate which appears at pressures of about 0.06 mm. 
and continues down to the lowest pressure studied, at 0.002 mm., 
where the rate constant has fallen to less than half its high pressure 
value (12). To account for such a maintenance of the rate would 
require thirty squared terms, which, if they were classical oscilla¬ 
tors, would correspond to a specific heat due to vibration of about 30 
cal. per mole. The application of Kassel’s quantum theory would 
permit nearly the same maintenance of the rate with a vibrational 
specific heat of 20 to 24 cal. per mole and a diameter of 17 X 10" * 
cm. (33). Now the value of n is no greater in all of the other 
reactions listed than would be permitted, and in fact is much 
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smaller than specific heat data would allow in some of these reac¬ 
tions. The decomposition of nitrogen pentoxide is therefore 
somewhat exceptional in that even the choice of the most favor¬ 
able frequencies for quantum oscillators requires so high a specific 
heat for a molecule of only seven atoms. However, the quantita¬ 
tive discrepancy between theory and experiment is not now so 
very serious. 



lo s«» Vo 

Fig. 4. Nitrous Oxide 


Some discussion of the three reactions which seemed to fit 
Theory I must be given. On account of the uncertainty in k m , 
propionaldehyde can be made to fit Theory II nearly as well as 
Theory I (2). The decomposition of dimethyltriazene can be 
fitted nearly though not quite as well by Theory II. Rate con¬ 
stants at still lower pressures would be necessary to decide defi¬ 
nitely between the two forms of the theory. Finally, in the case 
of nitrous oxide only two squared terms are necessary to fit the 
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data (22). The distinction between Theory I and Theory III 
disappears when n — 2, and, in fact, the data could be fitted as 
well or better with n = 4 or with two quantized oscillators, 
although then the molecular diameter will come out a little 
smaller than the kinetic theory value. Figure 4 shows a log 
k/k m against log p plot for this reaction using n - 2 and s = 
3.05 X 10" 8 cm. 

It seems especially significant that molecules differing as 
greatly in molecular complexity as nitrous oxide and the azo 
compounds do should be equally well in agreement with the 
theory. The theoretical curve of log k against log p for a mole¬ 
cule having n = 2 is very different in shape from one having n = 
33, for the former curve falls off very much faster with decreasing 
pressure. It also seems significant that in those reactions requir¬ 
ing a large number of squared terms, where the difference between 
Theory I and the localized energy theories is large enough to be 
capable of experimental proof, the experimental data agree with 
the localized energy theories in the shape of the curve and in a 
difference in fonn at two different temperatures. 

We may conclude that we have now available a considerable 
number of reactions which, because they fulfill the qualitative 
requirements of unimolecular theories, can safely be designated as 
unimolecular. The quantitative interpretation supports strongly 
the belief that reaction occurs when the critical energy becomes 
more or less localized in a particular part of the molecule. 

INTERNAL REARRANGEMENTS 

Internal rearrangements of molecules represent an especially 
simple type of unimolecular change. The only reaction of this 
type in table 1 is the rearrangement of pinene to dipentene.^A 
still simpler mechanism is the rearrangement of stereoisomers, 
either of the geometrical type or of the optical type. An example 
of geometrical rearrangement has recently been published, 
namely, the conversion of maleic ester into fumaric ester (30). 
There is fair evidence that the reaction is unimolecular. This 
reaction, however, is very much slower than that calculated even 
for only two squared terms. There have been two suggestions 
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made to account for reactions such as those of the ethers, which 
are sufficiently slow so that fewer degrees of freedom are required 
than are available (34). One suggestion is that energy exchange 
within the molecule occurs only in a limited portion of the mole¬ 
cule, so that the molecule behaves as if it had fewer degrees of 
freedom. The other suggestion is that the rate of activation is 
much less than is assumed in the theory owing to the fact that 
complete redistribution of energy does not occur on collision. 
The authors have indicated that both of these suggestions are 
necessary to account for the slow rate of this rearrangement. 
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INTRODUCTION 

For many years the study of gas reactions has centered about 
the kinetics of relatively slow interactions, the rates of which are 
easily measurable. During the past four years interest has grown 
in gas reactions that proceed with great velocities, ranging from 
slow inflammation to detonation. The dangerous hazards pre¬ 
sented by the increasing use of natural gas as a fuel, the use of 
explosive gases and vapors in industrial processes, and the accum¬ 
ulation of explosive mixtures in confined spaces such as mines, 
sewers, etc., make such fundamental investigations, aside from 
their purely scientific value, timely and important in order that 
means may be taken for the prevention of explosions through a 
better understanding of the way in which they are initiated and 
the mechanism by which they propagate. 

Very little is known concerning the chemistry of the period dur¬ 
ing which explosion occurs. The attention of most investigators 
has been directed toward studying the period preceding the 
explosion, and the effect of temperature, pressure, surface, size of 
vessel, and admixture of inert and other gases on the explosion 
limits. Certain isolated but rather crucial experiments have 
been performed as well, which have now begun to clarify our views 
of the physical processes involved. Such is the work of Alyea and 

1 Contribution from the Pittsburgh Experiment Station, U. S. Bureau of Mines, 
Pittsburgh, Pennsylvania. Published by permission of the Director, U. S. 
Bureau of Mines. Not subject to copyright. 

2 Physical chemist, Pittsburgh Experiment Station, U, S. Bureau of Mines, 
Pittsburgh, Pennsylvania. 
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Haber, Thompson, Lewis and Feitknecht and others on the rdle 
played by the wall in initiating reaction chains. The work of 
Bone, Wheeler, Payman, Ellis and Coward and their schools has, 
by means of beautiful “Schlieren” and direct photographs, 
contributed a great deal to our knowledge of the manner in which 
flames and detonation waves move through space, the conditions 
under which inflammation gives way to detonation, and the 
behavior of these phenomena when exposed to varying conditions. 

Inflammation or slow burning, in which class belong flames 
such as that of a Bunsen burner which are burning in an uncon¬ 
fined space, the burning of hydrocarbons in air, and possibly the 
reactions between hydrogen and oxygen, carbon monoxide and 
oxygen, phosphorus and oxygen, carbon disulfide and oxygen, and 
so on, at low pressures, is characterized by flame movements of 
the order of 30 to 500 cm. per second. A satisfactory and com¬ 
plete theory has never been devised to account for the varied 
phenomena connected with these explosions. 

Detonations in gases travel with enormous speeds—from 1000 
to 4000 meters per second. They are characterized by a wave-like 
disturbance in which high pressures exist and in which chemical 
reactions occur with great rapidity. On the physical side the 
treatment of this type of explosion has met with considerable 
success. A rigorous physical and mathematical theory based on 
hydrodynamics and thermodynamics, developed about thirty 
years ago by Chapman and Jouguet and later extended by Becker, 
is able to account for the high rate of speed with which these ex¬ 
plosions travel. Lewis, by a consideration of only the chemical 
reactions occurring in this wave-like disturbance, has also been 
able to account for the speeds. 

(Explosions may be started in a number of ways—by an elec¬ 
tric spark, a flame, a detonator, adiabatic compression (1), 
heat, or by chemical sensitization. It is always found that an 
explosion will not take place unless a certain perfectly definite 
amount of energy is supplied to the mixture. Thus, a mixture of 
moist carbon monoxide and oxygen may be ignited with a rela¬ 
tively w r eak spark, whereas a powerful spark is required to ignite 
an intensively dried mixture. Furthermore, the lower the 
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pressure, within certain limits, the more intense the spark must 
be to cause the mixture to explode. The temperature of vessels 
in which explosions take place may vary from about — 100°C. for 
the explosion of mixtures of ozone and hydrogen bromide, to room 
temperature for the explosion of ozone sensitized by bromine 
vapor, and to 400 to 650°C. for the explosion of hydrogen and 
oxygen or carbon monoxide and oxygen mixtures. Further, the 
explosion may be obtained by the application of a combination 
of two energy sources—namely, heat and the introduction of 
certain chemical species which are able to react easily with certain 
components in the mixture. The work of Haber and his school 
on the initiation of explosions in hydrogen and oxygen and carbon 
monoxide and oxygen by the introduction of atoms of hydrogen 
or oxygen, and the work of Hinshelwood and coworkers and of 
Semenoff and coworkers on the addition of traces of nitrogen per¬ 
oxide or ozone to bring about explosions at temperatures below 
normal are examples. They furnish another means, in addition 
to photochemical studies, of studying the chain characteristics of 
gas reactions. 

A large number of explosive reactions have been investigated, 
particularly with respect to the inflammation limits and the 
factors affecting them. Humphrey Davy (2) was probably the 
first to draw attention to the phenomenon that all mixtures of a 
given combustible gas could not be inflamed. Innumerable in¬ 
vestigations have since established the inflammation limits of a 
large number of combustible gases. Many of these have found 
ready and important industrial application. The inflammation 
limits (3) are usually determined by varying the percentage of the 
combustible gas in the mixture while keeping the total pressure at 
atmospheric. It is found that all mixtures possess a lower and 
an upper percentage of combustible gas below which and above 
which no explosion is possible. For instance, at room tempera¬ 
ture and a total pressure of 1 atmosphere, mixtures of hydrogen 
and air containing less than 9.4 per cent of hydrogen or more 
than 71.5 per cent of hydrogen do not explode, while between 
these limits they do explode. The limits vary a little, depending 
on the method of determination—that is, horizontal, upward or 
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downward propagation of the flame in a tube, or propagation in 
a closed spherical bulb. 

The effect of increasing the initial temperature of the mixture 
is usually to widen the limits. Thus, at 400°C. the lower limit of 
hydrogen-air mixture changes to 6.3 per cent of hydrogen and the 
upper limit to 81.5 per cent of hydrogen. The explanation (3) 
of this seems to be that in order to propagate a flame, the layer 
of unburned gases immediately in contact with the burning gases 
must be raised to its ignition temperature before it will burst into 
flame. The higher the temperature of the unburned gas the less 
heat need be supplied from the burning layer to do this. There¬ 
fore, the lower limit should decrease and the upper limit increase 
by increasing the initial temperature. Recent experiments show 
that for many mixtures there is a straight-line relationship be¬ 
tween the inflammation limit and the initial temperature of the 
mixture (4). 

The effect of total pressure on the inflammation limits is not 
appreciable as long as the pressure does not vary considerably 
from atmospheric (5). For the first few hundred millimeters fall 
in pressure below atmospheric the effect is still imperceptible, but 
below this a lowering of the pressure causes a narrowing of the range 
of inflammability—that is, the lower limit rises and the upper limit 
falls. At a suitably low pressure the narrowing is so marked that 
the lower and upper limits coincide. Below this pressure no mix¬ 
ture is capable of propaga ting flame (6). The relationship between 
change in limits and reduction in pressufe is not simple nor the 
same for all types of combustible mixtures. The effect is specific 
for each inflammable mixture. An exact location of the limiting 
pressure has been difficult, because it is often so low that the source 
of ignition, an electric discharge, has not been powerful enough. 
The latter becomes diffuse at low pressures and is sometimes in¬ 
distinguishable from the inflammation of the gases themselves. 
Stronger discharges would possibly have produced self-propagat¬ 
ing flames at still lower pressures. The rate at which the lower 
and upper limit curves approach each other as the pressure de¬ 
creases appears to depend on the strength of the source of ignition, 
unless this is greater than some high value and the vessel is large 
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enough for the flame to travel a sufficient distance from the 
source of ignition to enable one to determine whether the mixture 
is really capable of self-propagation of flame. Since this has not 
been done, the exact shape of the low-pressure limit curves is un¬ 
known. However, it is certain that the curves do approach 
each other and ultimately meet as the pressure is decreased. 

At pressures above atmospheric, increase in pressure does not 
always bring about a widening .of the limits. Indeed, the con¬ 
trary is true, for the range of inflammability of some mixtures is 
narrowed by increasing the pressure. Thus, a mixture which can 
propagate flame at atmospheric pressure may not do so at higher 
pressures. Therefore at some pressures—atmospheric or higher 
—there is a pressure at which the lower limit goes through a 
minimum. Some mixtures even show a maximum of the higher 
limit at some definite pressure which may or may not be the 
same at which the lower limit minimum is found (7). Since for 
pressures above and below atmospheric the inflammation limits 
have been observed in closed vessels, the results are influenced by 
such factors as the size and shape of the containers, since these 
determine the rate and amount of pressure developed (3, 8). 

Reference has bpen made to the change in the inflammation 
limit with the change in strength of the source of ignition. It has 
been shown (9) that a hyperbolic relationship exists between the 
gas pressure and the condenser voltage when the mixtures 2CO + 
0 2 , 2H 2 + 0 2 , and mixtures of oxygen with ethyl alcohol, ether 
and carbon disulfide are ignited by a condensed discharge; that is, 

VP = k 

where V is the minimum voltage necessary for flame propagation 
and P is the initial pressure of the explosive mixture. 

The effect of impurities on the ease with which ignition occurs 
has also been studied. The result of progressively removing 
water vapor from a mixture of 2C0 + 0 2 is to diminish the igniti- 
bility very rapidly, the minimum spark energy for a mixture dried 
with calcium chloride being about thirty times that required to 
ignite the same mixture saturated with water vapor. Gas dried 
over phosphorus pentoxide for a year is ignitible with a sufficiently 
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powerful condensed discharge, although the reaction does not go 
to completion (10). Thus, water vapor behaves as a positive 
catalyst because when added to an explosive mixture it lowers the 
energy necessary for ignition. Certain impurities act as negative 
catalysts because they bring about an increase in the ignition 
energy. Brewer and Deming (9) have studied the effects of a num¬ 
ber of positive and negative catalysts. The addition of up to 3 mm. 
of ether or up to 6 mm. of ethyl alcohol to a mixture of 12 cm. 
(2CO -f 0 2 ) and 2 cm. water vapor lowers the ignition energy. 
These, therefore, behave as positive catalysts. Above these pres¬ 
sures, however, both behave as negative catalysts. Hydrogen 
behaves in a similar way. The net result is that the impurity 
may be considered a positive or negative catalyst depending on 
whether or not it burns in the explosion; if the impurity burns, it 
is a positive catalyst, but if oxygen is present in amounts insuffi¬ 
cient for its combustion it behaves as a negative catalyst. The 
following table shows the wide variation in the ability of a num¬ 
ber of impurities to function as negative catalysts. The amount 
of impurities in centimeters of mercury added to a given explosive 
mixture required to raise the ignition voltage from 95 volts to 150 
volts is as follows- 

centimeters 

Impurity of mercury 

Argon. . . .9 75 

Nitrogen. . .4 0 

Carbon dioxide . . 3 0 

Chloroform . . .2 2 

Ethyl alcohol. . .. ..17 

Acetaldehyde. . 16 

Propyl nitrite. . ... 0 95 

Ethyl ether . ... .0 80 

Thus, the ability of an impurity to inhibit ignition seems to 
depend on the complexity of the molecule. To what extent this 
can be correlated with heat capacity or heat conductivity further 
work must show. 

The effect of adding explosive mixtures of oxygen with hydro¬ 
gen, water, alcohol, or ether vapors as impurities, to the dry 2CO + 
0 2 explosive mixture at 14 cm. pressure indicates that they can 
behave as powerful positive catalysts, p, the pressure in milli- 






EXPLOSIONS IN GASES, AND THEIR KINETICS 


55 


meters of gas added, and V, the ignition voltage, satisfy the 
relation 


where a is a constant differing from one gas to another; c and b are 
also constants. 

Brewer and Deming interpret their results by proposing the 
following rules for ignition: (2) the voltage necessary to ignite a 
given explosive mixture is inversely proportional to the number 
of molecules in the path of the spark; (2) the ability of a positive 
catalyst to lower the voltage necessary to ignite a given explosive 
mixture is, over a wide range, proportional to the number of its 
molecules in the path of the discharge: (3) the ability of a nega¬ 
tive catalyst to increase the ignition voltage is a direct function of 
the complexity of its molecule. 

From the point of view of chain formation and propagation, 
the general conclusion of Finch and Cowen is of importance. 
They conclude that “ignition is determined solely by the attain¬ 
ment in some portion of the gas traversed by the discharge, of a 
certain definite concentration of suitable ions or electrically 
charged particles.” 

Lewis and Feitknecht (11) have observed a similar apparently 
general law of ignition in the explosion of ozone sensitized by 
small amounts of bromine vapor. The method used was to 
determine the explosion pressure limit of ozone in cylindrical 
vessels of varying diameters. It was found that the larger the 
diameter, the smaller the pressure at which ozone exploded. The 
hyperbolic relationship found is the following: 

(d - a) (p - b) - k 

where d is the diameter of the vessel in millimeters, p the explosion 
limit of ozone in millimeters of mercury, and a and b are con¬ 
stants which depend on the activity of the walls of the vessel. 
The value of b represents the explosion limit for infinite diameter 
of a vessel of this type and the value of a represents the limiting 
diameter below which no explosion will take place. The same 
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relationship was found for the explosion of mixtures of ozone with 
hydrogen bromide (12). 

The explosion of ozone will be discussed in more detail later, 
but it is of interest to point out the analogy of these experiments 
in which ignition is brought about by the formation of active reac¬ 
tion carriers on the walls of the vessel and their multiplication in 
the gas phase, with those in which a spark acts as the source of 
ignition. The walls also act as destroyers of reaction chains 
which are set in train in the gas phase. Therefore, the closer the 
walls, the higher the pressure of ozone must be to prevent reac¬ 
tion chains from reaching the wall and thus to build up a sufficient 
concentration of reaction carriers in the gas phase. In other 
words, the walls must be far enough apart—for a given pressure 
of ozone—in order that interruption of reaction chains may be 
minimized, to allow this concentration to be reached. Similarly, 
using a discharge as the source of ignition, a sufficient number of 
coulombs of electricity must pass across the gap in order to ob¬ 
tain a sufficient concentration of active systems (electrically 
charged particles) before an explosion results. 

Little has been accomplished with the theoretical treatment of 
the inflammation limits of any mixture from fundamental physico¬ 
chemical data, such as heat of reaction of the mixture, the thermal 
conductivity and heat capacity of the mixture, the rate of the 
reaction, and the temperature coefficient. 

Lewis and Feitknecht have pointed out—at least for the two 
explosion reactions studied by them and this should apply to all 
similar reactions where there is not an abrupt transition between 
the rate of the non-explosive and explosive parts of the reaction— 
that it is principally heat conductivity which is of importance in 
determining the explosion limit, while heat capacity is the main 
factor to consider in the non-explosive reaction below the limit. 
Both factors are operative somewhere on approaching the limit. 
In any given explosion reaction the greater the heat conductivity 
(which may be altered by the addition of inert gases), the more 
rapidly the heat of reaction is conducted away from the reaction 
zone to the walls, and therefore the higher the explosion limit. 
In the non-explosive reaction, the reaction is slow enough so that 
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accumulation of heat energy is negligible. The addition of an 
inert gas possessing a high heat capacity—assuming that the 
behavior is not chemical—interrupts the chains more easily by 
deactivating the carrier more effectively. This slows down the 
reaction. Inert gases with low heat capacities exert a smaller 
effect on the rate (barring specific effects). The above applies to 
the lower limits in the above reactions as only these have been 
studied thoroughly. 

A simple relationship of purely additive character was formu¬ 
lated by Le Chatelier (13), connecting the lower limits of single 
combustible gases in air with the lower limit of mixtures of them. 
The relationship is 


»2 «a 

A'; + .V 2 + A’a + 


in which N u N t , N t , . . . are the lower limits in air for each 
combustible gas separately, and n u n 2 , n», . are the percentages 
of each gas in any lower limit mixture combination of the gases in 
air. A simple algebraic transformation provides a formula for the 
limits, L, of any mixture of combustible gases. 

100 

El+? i + h , 

AT, ATj N, ''' 

in which p x , p 2 , p», . . . are the proportions of each combustible 
gas present in the original combustible mixture free from air and 
inert gases (14). This means that 

Pi + J>2 + Pi + • . - 100 

While Le Chatelier’s so-called law is fairly accurate for many 
mixtures it has not been found so for a number of others. 

It has also been possible to calculate the speed of mixtures 
various inflammable gases with air from the known speeds of 
the separate gases with air (15). 

Attempts were made to calculate the ignition temperatures of 
gas mixtures from their limits of inflammability with the aid of 
heats of reaction and specific heats (16), but with little success. 

The results of innumerable researches in this field have contrib- 
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uted much of value for practical industrial purposes, but they 
have hardly contributed to a knowledge of the molecular processes 
and interactions which occur during inflammation. Nor is it 
known just how inflammation is carried on from one layer of 
burning gases to the adjacent layer of unbumed gases. The 
whole aspect of the problem is tremendously complicated by the 
possibility that the positive ions found in a flame may play an 
important and distinct r6le. It is found that flames always move 
in the direction in which the positive ions migrate (17). In 
nearly all of this work ignition was brought about by a spark or 
flame. It is not surprising, therefore, that little should have been 
learned until very recently about the role played by the wall of a 
vessel in combustion reactions. It is to the latter aspect of the 
problem that the following sections are devoted. 

In view of the limited space it is obviously beyond the scope of 
this paper to discuss or even attempt to present the vast quantities 
of literature dealing with explosions in gas engines, studies of 
radiation emitted during explosions, and the influence exerted by 
anti-knock compounds on the rate of burning, on the rate of prop¬ 
agation of explosions, and on the quality and quantity of radiation 
emitted. These experiments, valuable as they are, were not par¬ 
ticularly concerned with a kinetic study of the mechanism of ex¬ 
plosions. We shall therefore pass to a group of studies which 
have been made in the last four years on the kinetics of gas explo¬ 
sions. It is hoped that by the presentation of but a few of the 
more completely studied reactions the trend of modern kinetic 
interpretations will have been indicated. It is purposed to give 
an account of the reactions in explosive mixtures of ( 1 ) hydrogen 
and oxygen, (2) carbon monoxide and oxygen, (S) carbon disul¬ 
fide and oxygen, (4) phosphorus and oxygen, (5) sulfur and oxygen, 
(6) hydrogen and chlorine, and also chlorine monoxide, (7) ozone 
sensitized by bromine, and (5) ozone and hydrogen bromide. 

THE KINETICS OF GAS EXPLOSIONS 

1. The explosion of hydrogen and oxygen 
When a mixture of hydrogen and oxygen is heated to a temper¬ 
ature below 520°C. in a silica vessel, the reaction is found to be 
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approximately of the first order. The slow reaction, which takes 
place almost entirely on the walls of the vessel, is only slightly 
influenced by pressure and has a small temperature coefficient (18). 
In the next 50° above this temperature a reaction in the gas phase 
comes into prominence. The rate depends on the concentration 
of hydrogen and oxygen and indicates a reaction of variable but 
high order (19). The temperatu re coefficient is high and increases 
both with temperature and with pressure. Unlike the surface reac¬ 
tion, the gas reaction is autocatalyzed by steam and retarded by an 
increase in the surface exposed to the gas. The effect of inert 
gases is to accelerate the homogeneous reaction. This increases in 
the order helium, nitrogen, argon, water in the ratio 1:3:4:5 (20). 
These results are interpreted by assuming that reaction chains are 
propagated in the gas phase which are interrupted by deactivation 
of the reaction carriers on the wall of the vessel. Inert gases 
decrease the ease with which the carriers reach the wall and thus 
the chains are lengthened, collisions of the active molecules with 
the inert gases themselves apparently being considered elastic. 
The effectiveness of the inert gases increases in the same order of 
increasing diffusion coefficients. The chains lengthen and propa¬ 
gate faster with increasing temperature and pressure until a point 
is reached at which an explosion takes place. 

Following a suggestion of Dixon’s, Gibson and Hinshel- 
wood (21) found that very small amounts of nitrogen peroxide 
had a remarkable influence on this reaction. At 400°C., almost 
200°C. below the usual explosion temperature, a very slow surface 
reaction takes place between hydrogpn and oxygen. The addi¬ 
tion of a trace of nitrogen peroxide produces very little effect, but 
as the amount is increased a very sharp limit is reached above 
which practically immediate explosion of the mixture takes place. 
As the nitrogen peroxide concentration is increased still further, 
a second limit -just as sharp as the first—is reached beyond which 
no explosion but only a very slow reaction occurs. The transition 
between the regions of non-reaction and explosion is very sharp. 
We shall have occasion to mention other eases of this interesting 
example of trace catalysis. This remarkable abrupt transition 
from little or negligible reaction to explosion is also found in the 
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union of oxygen with phosphorus vapor (22), with sulfur vapor 
(23), with phosphine (24), and with carbon disulfide (25). In 
contrast to these reactions is the decomposition of ozone sensitized 
by bromine vapor (11) and the reaction between ozone and hydro¬ 
gen bromide (12) in which there is a gradual transition in speed 
from the non-explosive reaction to the explosion as the pressure is 
increased. 

Hinshelwood and his coworkers explain the upper and lower 
explosion limits and the action of nitrogen peroxide by means of 
the theory of chain reactions. If the interaction of one active 
molecule in a chain can result in the production of more than one, 
the reaction will become auto-accelerating and eventually will give 
rise to an explosion. This is limited by various deactivation proc¬ 
esses which tend to keep the effect of the branching chains in 
check (26). The explosion limits are therefore determined by 
the balancing of these various influences. Hinshelwood and co¬ 
workers propose that in a mixture of hydrogen and oxygen the 
chains are initiated by the formation of hydrogen peroxide mole¬ 
cules in the gas phase. However, when nitrogen peroxide is pres¬ 
ent the interaction of the latter with hydrogen forms hydrogen 
peroxide, which in turn gives rise to the chains. A mechanism 
of the process is described by Thompson and Hinshelwood (27), 
who suggest the way in which the peroxides give rise to chains and 
the manner in which deactivation takes place. They say : 

Small amounts of NO* between certain sharply defined limits of con¬ 
centration are able to cause explosion in mixtures of hydrogen and oxy¬ 
gen, which in the absence of NO 2 would react with extreme slowness. 
At the critical concentrations of NO 2 the transition from very slow reac¬ 
tion to explosion is abrupt. Interpreting in terms of the theory of chain 
reactions, the presence of N0 2 causes a reaction to take place whereby 
activated H 2 0 2 is produced; this undergoes a cycle of changes in which 
the energy of activation and heat of reaction are handed on to the 
molecules formed, and ultimately two activated H 2 O 2 molecules appear 
for one originally formed by the action of the N0 2 . The reaction chain 
thus “branches” and the reaction velocity would increase indefinitely— 
that is, the reaction becomes explosive unless some deactivating mecha¬ 
nism destroyed the H 2 O 2 . Several such mechanisms exist: decomposition 
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or reaction with H 2 at the wall of the vessel, deactivation by mutual 
destruction of two H 2 0 2 molecules, or by destruction of H 2 0 2 by N0 2 
(“anti-knock” action). The balancing of these deactivating mecha¬ 
nisms and the tendency of the chains to branch determines the various 
critical limits between explosion and slow reaction. 

These investigators explain the lower limit by assuming that 
the concentration of hydrogen peroxide increases to a critical 
value, at which point the chains branch. The upper limit is ex¬ 
plained by assuming that here the concentration of hydrogen 
peroxide molecules becomes so great that they exert a mutually 
destructive effect on one another. When explosion occurs 
abruptly on decreasing the pressure (upper limit), it indicates 
that some process in the gas phase has ceased to break the chains 
as rapidly as they start; when a similar abrupt transition with 
increasing pressure occurs (lower limit), it indicates that the 
deactivating influence of the surface of the vessel has become inad¬ 
equate to cope with the branching which has begun at this 
particular pressure. 

The assumption has been made throughout that the chains 
originate in the gas phase. Recent experiments indicate that the 
experiments conducted in Hinshelwood’s laboratory do not give 
quite the complete picture of the reaction; that in reality the 
presence of a surface is necessary to start reaction chains. Al¬ 
though it is not generally mentioned, Garner seems to have been 
the first to recognize the importance of the surface in explosion 
reactions (28), although it remained for Alyea and Haber (29) 
to show this experimentally. Historically it is of interest to note 
the matured nature of Garner’s conception at least two years 
before th<e first direct experimental proof was available. He says: 

When the rate of surface reaction (speaking of the interaction between 
CO and 0 2 in quartz vessels) exceeds a certain value, a change is ini¬ 
tiated in the gas phase which is rapidly accelerated and is propagated 
as flame The surface reaction does not appear to influence the ignition 
phenomena beyond supplying sufficient energy to set in train the reactions 
in the homogeneous phase. As long as the minimal energy is available, 
and the pressure is above the critical pressure, the flame makes its appear- 
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ance. The supply of larger amounts of energy by the surface reaction 
does not lower appreciably the pressure at which ignition will occur 
.... the inception of flame is due to a chain mechanism. 

Alyea and Haber succeeded in showing by the method of crossed 
streams, developed by Goldman (30), that when separate streams 
of hydrogen and oxygen are brought together in the center of a 
large spherical vessel far removed from the walls in the tempera¬ 
ture range 435°C. to 540°C. and at pressures from 10 mm. to 200 
mm . of mercury, no inflammation or explosion results, despite the 
fact that if the experiment is carried out in the usual way in a 
quartz vessel under the same conditions, explosions do occur. 
In fact, practically no reaction takes place in the crossed streams. 
Upon introducing into the stream a quartz, porcelain, glass, cop¬ 
per or iron, but not aluminum, rod at the same temperature, inflam¬ 
mation takes place immediately, thus proving the efficacy of cer¬ 
tain surfaces to start the reaction. 

The same phenomenon has been shown to obtain in the inflam¬ 
mation of carbon disulfide and oxygen (3) and, from other experi¬ 
mental evidence, in the explosion of ozone sensitized by bromine 
and the explosion of ozone and hydrogen bromide (11, 12). It 
appears likely from evidence in the reactions between carbon mon¬ 
oxide and oxygen, phosphorus and oxygen, and sulfur and oxygen 
that this is a universal phenomenon in thermal explosions. 

It should be borne in mind, however, that inflammation and 
explosions can originate and take place entirely in the gas phase, 
for Goldman found that above 560°C. it is possible to ignite hydro¬ 
gen and oxygen at atmospheric pressure in the absence of a sur¬ 
face. The reason is now clear why no explosion is observed in a 
narrow porcelain tube until a temperature of 700°C. is reached 
(32). This is because of the rapid destruction on the wall of the 
reaction carriers originating in the gas phase, thus interrupting 
the chains which give rise to explosions. Similar effects were 
noted by Hinshelwood and Thompson, and by Lewis and 
Feitknecht. 

A simple and plausible interpretation of the upper limit in a 
mixture of hydrogen and oxygen based on adsorbed gas layers has 
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been proposed by Alyea (33). While Hinshelwood believes that 
the upper limit is chiefly determined by breaking the chains in the 
gas phase, Alyea presents experimental adsorption measurements 
showing that in the neighborhood of the explosion limit there is a 
sudden change in the gas adsorption layer. Above the explosion 
limit, hydrogen covers the surface practically exclusively. As 
the pressure is lowered a sudden reduction in the adsorption of 
hydrogen bares the surface to oxygen adsorption. The conditions 
are now favorable for the rapid liberation of reaction carriers from 
the wall and an explosion results. His conclusions regarding 
the adsorption layer and the reactivity of such adsorbed gas layers 
are supported by measurements by Bone and Wheeler (18) on 
porcelain, Alyea (33) on Pyrex glass, Benton and White (34) on 
nickel, Polyakov (35) on palladium, and Mitchell and Marshall 
(36) and Kobosew and Anochin (37) on platinum. 

All these investigators found that at an appropriately high 
temperature hydrogen is adsorbed on the surface and is trans¬ 
formed into an active form, presumably hydrogen atoms, capable 
of performing reactions which adsorbed hydrogen is unable to 
accomplish at room temperature. Alyea pictures the production 
of hydrogen atoms on silica as follows: 

00 OH OH 

\ / \ / \ / / / 

>Si—O—S—iO—Si— + H, = Si—O—Si—O— 


+ Ha -= SiOHa + H 


At the explosion limit, where oxygen gains admittance to the sur¬ 
face and changes the surface layer, he suggests the possible emis¬ 
sion of OH radicals; namely, 


O 0 

/ / \ 

Si—O—Si + Ha -» Si—0—Si + 2 OH 


It is thus possible that hydrogen atoms and, under certain con¬ 
ditions, possibly OH radicals or both are liberated from the sur- 
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face. It is with these atoms and radicals that the mechanisms of 
chain formation and propagation in the gas phase are chiefly con¬ 
cerned, to the elucidation of which Haber and his coworkers have 
devoted themselves. 

The lower limit is not so easily explained. If the lower limit 
marks solely the pressure at which augmentation of the number of 
chains by branching begins, it is difficult to understand why the 
transition is so abrupt in the reactions mentioned above but is 
gradual in the reactions studied by Lewis and Feitknecht in which 
the same physical processes are believed to take place. It is still 
possible that the condition of the surface gas layer from which 
chains start should also be considered; that an abrupt change in 
the nature of this layer at the critical pressure favors the sudden 
emission of a large number of chain carriers; and that branching 
occurs only when the concentration of carriers in the gas phase 
reaches some critical value. The matter is by no means well 
understood and it must remain for the appearance of newly dis¬ 
covered facts to clarify the picture. 

The experiments of Haber and his collaborators were concerned 
with the introduction of hydrogen or oxygen atoms into mixtures 
of hydrogen and oxygen, and carbon monoxide and oxygen, or the 
production of the atoms in situ. They may be divided into two 
groups—those in which the atoms were produced by means of a 
spark (38) and those in which the atoms were formed by chemical 
sensitization (39). 

In the first group, hydrogen or oxygen or moist argon was led 
through a spark and thence by way of a water trap into a second 
chamber containing the explosive mixture. When a sufficient 
concentration of the active gas had entered, an explosion took 
place. It would appear that since the explosive mixture was 
at room temperature the explosion started at this temperature. 
It is known, however, that the chain length in a hydrogen-oxygen 
mixture is very short at room temperature (40) and that atoms of 
hydrogen combine very rapidly in hydrogen at higher pressures 
(41). It is more probable that the ignition was brought about by 
some hydrogen and oxygen in the neighborhood of the spark, where 
the temperature was elevated and the concentration of atoms was 
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still high (42). The frequency of occurrence of one of the steps in 
the chain proposed is far too small to conceive of the starting of 
the explosion at room temperature (43). An explosion once 
started, however, would propagate through a mixture of hydrogen 
and oxygen, even though the latter were at room temperature. 

The same phenomena were observed on passing moist carbon 
monoxide or moist argon through the spark and thence into a 
chamber containing oxygen or carbon monoxide and oxygen, 
respectively. Thus, the active dissociation products of water 
vapor, presumably H and OH, are capable of bringing about ex¬ 
plosions in mixtures of carbon monoxide and oxygen, and of hy¬ 
drogen and oxygen. 

Despite the withdrawal by Haber of the spark experiments at 
room temperature, he and his students have shown that the 
explosion phenomena hold at elevated temperatures. The atoms 
were produced by photochemical sensitization. The direct 
photochemical production of hydrogen or oxygen atoms in hydro¬ 
gen-oxygen detonating gas is possible only by the absorption of 
radiation of very short wave-lengths, namely, about 800 A. by 
hydrogen and 1750 A. by oxygen. The production of atoms may 
be accomplished more conveniently with longer wavelengths by 
the introduction of certain molecules which possess continuous 
absorption or diffuse absorption spectra (predissociation spectra). 
Ammonia is believed to give rise to hydrogen atoms in the spectral 
region 2000-2200 A. (44) according to 

NH, NH a + H 

Similarly it is probable that under the influence of ultra-violet 

hv 

nitrous oxide dissociates into nitrogen and oxygen; H 2 S- 4 HS + 

H; S0 2 —SO + O; and NO? NO + O. 

In the sensitized experiments in which a small amount of am¬ 
monia or other sensitizer (nitrous oxide) was added to a 2H 2 + 0 2 
mixture, the velocity of formation of water was studied at differ¬ 
ent pressures and temperatures. The number of water molecules 
formed per hydrogen atom set free was 25 at 290°C. and 380 at 
405°C., while at about 420°C. an explosion occurred. The same 
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phenomenon is observed in a CO + 0 2 mixture but only under the 
influence of hydrogen atoms, not oxygen atoms. Below 415°C. 
and 300 mm. pressure of a 2H S + O a mixture, no explosion 
(sensitized by ammonia) can be initiated. In the neighborhood 
of the explosion limit a mixture will continue to react in the dark 
after the illumination has been discontinued but not at a some¬ 
what lower temperature. This is probably due to the fact that 
the evolution of heat near the limit is greater than the loss of heat 
by conduction through the walls of the vessel. If a mixture which 
is capable of exploding is illuminated and placed in the dark be¬ 
fore the explosion occurs, it continues to react with increasing 
velocity and finally explodes. These delayed explosions have 
occurred twenty minutes after the termination of exposure. Fur¬ 
thermore, a fresh mixture can be made to explode in the dark of 
its own accord if it is allowed to enter an evacuated vessel soon 
after a sensitized or spark explosion has occurred in it. These 
remarkable occurrences are thought to be due to the active atoms 
or radicals which are formed during the explosion and remain 
adsorbed on the wall. 

The mechanism which has been proposed is due to Bonhoeffer 
and Haber (45). 

H + o, + R - OH + RO (1) 

OH + R - H + RO (2) 

where R is a hydrogen or carbon monoxide molecule and RO is a 
water or carbon dioxide molecule. 

The initiation of explosions by oxygen atoms is explained by 
Haber by the production of H and OH, according to 

O + H, - H + OH 

Experiments show that the oxidation of carbon monoxide takes 
place only when H atoms or OH radicals (46) are present. The 
r6le of water vapor, without which a carbon monoxide-oxygen 
mixture does not react, is thus suggested. Carbon monoxide is 
not easily oxidized by oxygen atoms (47) except in the presence of 
water vapor at elevated temperatures. 

One thing is clear from all these experiments, namely, that the 



EXPLOSIONS IN GASES, AND THEIR KINETICS 67 

explosions seem to depend on the production of H atoms and OH 
radicals, whether at the wall in the pure thermal reaction or in the 
gas phase in the photochemical sensitized reaction, which give rise 
to chains of reactions in the gas phase. When the chains are long, 
undergo branching and are not seriously interrupted by one or 
another kind of deactivational process, the reaction proceeds very 
fast and develops into an explosion. 

A discussion of the relative merits of Hinshelwood’s peroxide 
chain theory and the Bonhoeffer-Haber mechanism is perhaps 
premature. The recent experiments of Klinkhardt and Franken- 
burger (40) on the mercury-sensitized reaction in hydrogen and 
oxygen puts up a strong case for the latter mechanism. From 
direct measurements by von Elbe on the photochemical behavior 
of hydrogen peroxide toward hydrogen and carbon monoxide (48) 
von Elbe and Lewis (43) have shown that the collision yield for 
the reaction 

OH + H, - HjO + H 

is about 10" 10 at 40°C. It is thus clear why the hydrogen- 
oxygen reaction does not proceed at room temperature. The 
energy of activation is about 14,000 cal. At 400°C. the collision 
yield is 3 X 10“ 5 which, as Klinkhardt and Frankenburger show, 
is high enough to permit propagation of chains, since the reaction 

OH + H, - H,0 + H (1) 

takes place much before 2 OH’s have disappeared to form hydro¬ 
gen peroxide by the reaction 

OH + OH + M - H,0« + M (2) 

where M is a third body. 

On the other hand, some experiments published by Pease (49) 
are very difficult to explain if hydrogen peroxide can be formed 
only through reaction 2 above. Pease found on passing a mix¬ 
ture of hydrogen and oxygen through a Pyrex tube at 550°C. 
that 1 molecule of hydrogen peroxide was formed for 4 molecules 
of water. Reaction 2 cannot be held responsible for this result 
for the following reason. Reaction 1 has a collision yield of 
1.8 X 10“ 4 at 550°C. In order for hydrogen peroxide to be 
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formed through reaction 2 one of the latter should take place for 
every 10 4 (about) collisions of OH with H 2 , which means that the 
concentration of OH would have to be of the order of the H 2 
concentration, namely, about 10 18 molecules per cubic centimeter. 
This is obviously impossible. One is therefore compelled to agree 
with Pease, who worked in the non-explosive region, that some 
other mechanism for the formation of hydrogen peroxide must be 
in operation. Since hydrogen peroxide decomposes at high 
temperatures this opens up the interesting question as to whether 
the formation of water in the non-explosive reaction is really due 
to the Bonhoeffer-Haber mechanism. 

Considerable space has been devoted to the hydrogen-oxygen 
reaction, inasmuch as it has been most thoroughly investigated. 
The reactions which follow will be discussed briefly wherever no 
new principles are involved. 

2. The explosion of carbon monoxide and oxygen 

Carbon monoxide and oxygen react with each other at about 
650°C. As the pressure is lowered to about 100 mm., the ex¬ 
plosion limit phenomena discussed for the hydrogen-oxygen 
reaction are found (50). A lower explosion limit is also found at 
a few centimeters pressure (51). The limit rises slowly as the 
temperature is decreased from 736° to 578°C. Moreover, there is 
a critical temperature below which the gases will not explode at 
any pressure. Other features such as the effect of pressure, 
temperature, the influence of inert gases and surfaces are more or 
less similar to those found for the hydrogen-oxygen reaction. 

The work of Garner (52) and his associates shows rather con¬ 
clusively the important function of the wall in this reaction. A 
silica surface lowers the temperature at which the mixture bursts 
into flame. The lower explosion limits are materially modified 
by changes in the nature of the surface of the containing vessel, 
and the extent of combustion in a quartz vessel is dependent on 
the previous treatment of the walls of this vessel. Here again 
the reaction almost disappears as the limit is approached at which 
point the explosion sets in suddenly. It is found that excess of 
oxygen increases the ignitibility of carbon monoxide and that 



EXPLOSIONS IN GASES, AND THEIR KINETICS 


69 


excess of carbon monoxide lowers it, despite the fact that the latter 
increases the rate of the non-explosive reaction. 

The experiments of Farkas, Haber, and Harteck (39) show 
that oxygen atoms released in a mixture of carbon monoxide and 
oxygen bring about practically no reaction. Bone and Wheeler’s 
(18) experiments on the inappreciable adsorption of oxygen in the 
active state at 650°C. also indicate that oxygen atoms are not im¬ 
portant in this reaction. Furthermore, the experiments of 
Farkas, Goldfinger and Haber (38), Harteck and Kopsch (47), 
and Jackson and Kistiakowsky (47) indicate that oxygen atoms 
react with carbon monoxide only with difficulty. The necessity 
for having water present may possibly be explained in that at 
elevated temperatures OH radicals are formed in some way in the 
presence of oxygen atoms and water, although a direct action 
between the latter two gases at ordinary temperatures does not 
seem to take place (Harteck and Kopsch (47)). Concerning the 
nature of this reaction, the scarcity of experiments would necessi¬ 
tate doubtful and unnecessary speculation. The OH radicals, 
once formed, suffice to carry on the chains according to 

OH + CO - CO, + H 
H + O, + CO = CO, + OH 

Following Alyea, the upper explosion limit is probably due to 
the sudden desorption of carbon monoxide at a certain pressure 
resulting in a change in the adsorbed gas layer from which carriers 
are emitted into the gas phase. 

3. The explosion of carbon disulfide and oxygen 

A number of workers have investigated the inflammation of 
carbon disulfide (53). The earlier experiments were concerned 
with the behavior of carbon disulfide toward air or oxygen. We 
shall not discuss them, since they in no w r ay serve in a study of the 
mechanism of explosions. 

Sagulin investigated the phenomenon of the lower explosion 
limit and considered it only from the point of view of a homo¬ 
geneous reaction in which an explosion developed as soon as the 
heat liberated became greater than the heat carried off by the walls. 
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Thompson studied the lower and upper limits at different temper¬ 
atures. Below 140°C. in glass or quartz vessels a very slight reac¬ 
tion takes place on the walls. Above this temperature the mix¬ 
ture CS 2 + 30 2 ignites between two pressure limits beyond which 
only a slight reaction occurs. As usual, the region of pressures in 
which explosion occurs widens with increasing temperature. As 
in the other reactions discussed, the transition from the non¬ 
explosive to the explosive reaction is very sharp at both limits. 

If two heated streams, one of carbon disulfide and the other of 
oxygen, are brought together in a wall-free space, ignition is not 
observed at all below 250°C. A piece of heated glass or quartz 
placed at the point of confluence causes an explosion at this and at 
much lower temperatures. There seems to be no doubt that the 
explosion chains in carbon disulfide-oxygen mixtures start at 
the surface. 

Harteck and Kopsch (47) have shown that oxygen atoms 
induce inflammation in carbon disulfide. It is possible that in the 
thermal explosion oxygen atoms are liberated at the wall. The 
upper limit is probably connected as before with the desorption 
of carbon disulfide as the pressure is lowered, permitting the 
oxygen to gain access to the surface layer and so give rise to some 
particular surface reaction. 

Jf. The explosion of phosphorus and oxygen 

It has been known for a long time (54) that phosphorus vapor 
undergoes rapid combustion only when the oxygen pressure is 
maintained within certain limits, riemenoff and others (55) have 
made some studies of the kinetics of the oxidation of phosphorus 
vapor. It was found that when oxygen is admitted to an evac¬ 
uated vessel containing white phosphorus, practically no reaction 
occurs until the oxygen pressure reaches a certain value p r , when 
a sudden inflammation takes place. If the oxygen flow is cut 
off, the inflammation ceases when the oxygen pressure reaches p r . 
In addition to this lower limit, an upper limit is found at which the 
reaction also passes from a very fast to a negligible rate. 

The opinion of Semenoff that the reaction centers are formed 
spontaneously in the gas phase should undergo revision in favor of 
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a heterogeneous initiation of the inflammation, for in many re¬ 
spects this reaction is similar to the other reactions mentioned 
above. If the chains do not start at the surface, it is difficult to 
understand why the formation of reaction centers in the gas phase 
ceases so abruptly with a small change in pressure. Semenoff 
indicates that a reaction between solid phosphorus and oxygen is 
possible, giving rise to oxygen atoms. The nature of the gas 
phase reactions is unknown. 

It is quite certain that the chains are interrupted at the wall. 
It was found (Semenoff (55); Schalnikoff (55)) that the lower limit 
depends on the distance between the walls of the vessel. For 
cylindrical vessels the relation 

p r <23/i » constant 

and for large spherical vessels the relation 

p f d lt 102 « constant 

were found. p r is the limiting oxygen pressure for explosion, and 
d is the diameter of the vessel. Thus the greater the distance 
between the walls, the lower the oxygen pressure at which an 
explosion will just occur. This means that the active carriers 
must be prevented from reaching the walls and that a sufficient 
concentration of them must be built up in the gas phase before an 
explosion is possible. 

5. The explosion of sulfur and oxygen 

The reaction between sulfur and oxygen has been studied (56) 
but not in detail with respect to the factors which concern 
explosions. 

As with phosphorus, it is possible to burn sulfur in oxygen only 
within definite limits of pressure, beyond which the velocity of the 
reaction drops to practically zero. Rideal and Norrish showed 
that the reaction takes place on the surface of the sulfur and has 
an activation energy of 25,750 cal. The adsorption of sulfur and 
oxygen on the surface of the vessel probably gives rise to some 
active carrier (probably oxygen atoms). The carrier then propa¬ 
gates chains in the gas phase. In the range where no explosions 
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occur normally, the introduction of a small amount of ozone brings 
about an explosion and lowers considerably the temperature at 
which it takes place. The activity of ozone in the adsorption 
layer is probably responsible for the ease with which chains are 
started. 

6. The explosion of hydrogen and chlorine and also chlorine 

monoxide 

The same explosion limit phenomena are found in the explosions 
of these gases (57). 

Bogdandy and Polanyi (58) found that the rate of formation 
of hydrogen chloride in the hydrogen-chlorine reaction induced 
by sodium vapor increased thirtyfold when the wall was covered 
with sodium chloride. These experiments and the photochemi¬ 
cal experiments of Trifonoff at low pressure, in which the hy¬ 
drogen chloride yield was proportional to the square of the 
diameter of the vessel and in which the dependence on diameter 
became less as the pressure increased, point to the destructive 
action of the walls on the chains. 

Evidence for chains starting on the Walls is meagre. Griffiths 
and Norrish (59) show that the photochemical induction period 
is due to nitrogen trichloride, the heterogeneous decomposition of 
which they do not exclude. The induction period ends when suffi¬ 
cient nitrogen trichloride has been decomposed, possibly baring 
the surface to hydrogen and chlorine. More work is desirable on 
the thermal reaction between hydrogen and chlorine to establish 
more definitely the role played by the wall. 

Beaver and Stieger (57) noted that explosions in chlorine mon¬ 
oxide always occurred near the end of the reaction when the 
chlorine monoxide pressure had been reduced to a certain value. 
This points to the sudden liberation of a large number of chains 
which probably have a heterogeneous origin. Insufficient inform¬ 
ation is available on this explosive reaction. 

7. The explosion of ozone sensitized by bromine vapor 

The kinetics of the thermal reaction between ozone and bromine 
have been rather comprehensively studied (60). Under certain 
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conditions which are defined by the temperature (usually below 
15°C.), by the pressure of the bromine and by the pressure of the 
ozone, bromine reacts with ozone quantitatively to form a white 
crystalline oxide of bromine, having the composition BrsOg, 
which is slowly deposited on the walls of the vessel. Following 
the complete disappearance of free bromine, the ozone decomposes 
into oxygen at a constant rate which is independent of the size 
and kind of reaction vessel, the ozone concentration and the inert 
gases, but which depends only on the quantity of oxide formed and 
on the temperature. Thus it was found that the rate of decom¬ 
position of ozone is directly proportional to the original concen¬ 
tration of bromine—namely, 


-f d p 
d t 


or 


- d0 8 
d< 


- JtfBr] 


At a slightly higher temperature (20°C.) no oxide of bromine 
is deposited. Instead there is a period of quiescence (lag period) 
during which no change in pressure occurs. Following this, if 
the ozone pressure is low the reaction starts slowly, goes through a 
maximum, and then slows down. At higher ozone pressures the 
maximum velocity is correspondingly greater. Above a certain 
pressure limit the velocity rises so rapidly that it culminates in an 
explosion. The bromine pressures are a fraction of the ozone 
pressures, of the order of several millimeters of mercqry. 

The lag period is influenced very much by the activity of the 
vessel, which is a property of the surface. A trace of arsenic 
tribromide on the wall delays an explosion as much as one hour 
without any noticeable pressure change occurring in the meantime. 
Less than 0.1 mm. water vapor is sufficient to raise the explosion 
limit from 14 to 80 mm., while about 0.1 mm. is sufficient to in¬ 
hibit an explosion completely and lower the reaction velocity 
considerably. A number of successive explosions renders the 
surface so reactive that lag periods are reduced to only several 
seconds and the explosion limit reaches minimal values. It is 
remarkable that this high activity is retained by the vessel for 
several days. The explosion limit may vary in different glass and 
quartz vessels. 
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The reaction is strongly influenced by the form of the reaction 
vessel, by the temperature, by filling the vessel with glass pieces, 
and by the presence of inert gases. 

Mention has already been made of the hyperbolic law of ignition 
between the explosion limit and the diameter of cylindrical vessels. 
No explosion is possible in a vessel filled with small pieces of glass 
tubing. Once started, however, in a sufficiently large and free 
space, the explosion is able to propagate through tubing <0.1 mm. 
in diameter, indicating its detonating character. 

The effect of inert gases is to increase the explosion limit pres¬ 
sure. The limit is increased in the order argon, carbon dioxide, 
oxygen, nitrogen, helium, and hydrogen, being highest for hydro¬ 
gen. Inert gases hardly affect the non-explosive reaction unless 
the ozone pressure is high. There they slow down the reaction 
in the same order as in the explosion limit—that is, hydrogen 
Blows it down most effectively. It can be shown that the explo¬ 
sion limit effect is due principally to heat conductivity. The 
faster heat energy is transferred to the wall, the higher is the 
explosion limit. In agreement with expectation bromine has 
practically no effect on the limit. A heavy inert gas such as 
krypton or xenon might be expected to lower the limit. 

Temperature coefficients range from greater than one to less 
than one in different temperature ranges, and are shown to be due 
to changes in the adsorption of gases on the wall. 

It is noteworthy that this reaction and the one to follow differ 
most markedly from the other reactions discussed above, in that 
the transition from the non-explosive to the explosive reaction is 
very gradual. This is probably due to the strong adsorption of 
both bromine and ozone in the temperature range investigated. 
For this reason an upper explosion limit (which has not been 
investigated but which has been observed) can be found only 
when the bromine concentration is very small. Under these 
conditions the adsorption layer consists practically of ozone 
molecules only and very few bromine molecules. 

The results are interpreted in the following way. Ozone and 
bromine on the walls form an unstable compound. Little can be 
said concerning the nature of this compound, except that it is not 
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identical with the crystallized solid Br 8 0 8 of Lewis and Schu¬ 
macher nor with the volatile Br 2 0 recently described by Zintl 
and Rienacker (61). This compound decomposes immediately 
and ejects energy-rich groups (most probably oxygen atoms or 
energy-rich oxygen molecules) into the gas phase. Here chains 
of reactions are set up by collisions with ozone molcules. The 
reaction chains do not seem to occur with ease. They reach far 
out into the gas phase and are subject to interruption by unfavor¬ 
able collisions in the gas phase and on the walls. If the concentra¬ 
tion of reaction carriers in an element of volume in the gas phase 
exceeds a certain value, the reaction goes over into an explosion. 
If the number of active carriers emitted by the wall is too small, 
if the ozone concentration is too small or if a sufficiently high con¬ 
centration of inert gas is present, the reaction velocity, after 
reaching a maximum, slows down long before all the ozone is 
decomposed. 

The actual reactions which occur in the chains are unknown. 
One mechanism, which is supported by calculations of the speed of 
propagation of a detonation wave in ozone (62), is suggested in the 
following scheme. It indicates how branching takes place. The 
scheme starts with the ejection of an active oxygen molecule from 
the wall, but this may as well be an oxygen atom. 


0, 

O, 


r 

20s 



etc. 


20a + 0 

10, 


0 2 * 

10 , 


1 

0 

I Oi 


1 

0,* 

etc. 


1 

0,* 

1 o, 


1 

0 

i Oj 


Of* 

etc. 


1 

20 , 


1 

O,* 

etc. 



76 


BERNARD LEWIS 


8. The explosion of ozone and hydrogen bromide 

An attempt was made (12) to detect the carriers in the chains 
of the ozone-bromine reaction. Hydrogen bromide, which 
reacts readily with oxygen atoms (Harteck and Kopsch) was tried. 
How pure ozone and hydrogen bromide reacted was un¬ 
known. It was found, however, that at room temperature the 
two gases reacted completely in a couple of seconds. When 
ozone is admitted to hydrogen bromide at a pressure of only 10 
mm. of mercury an explosion occurs immediately. The hydrogen 
bromide is ozidized to water vapor and bromine, while any excess 
ozone is destroyed. Even at the temperatures — 77°C. and 
— 104°C. and at slightly higher pressures—about 20 mm. of mer¬ 
cury of hydrogen bromide and the same amount of ozone—the 
mixture explodes. Below this pressure the two gases react at 
.these low temperatures at a measurable but fast rate. 

A detailed study of the reaction disclosed its initial heterogene¬ 
ity, which affords another example of chains starting at the walls 
and propagating by means of reaction chains in the gas phase. 
In nearly every respect this explosive reaction resembles the ozone- 
bromine reaction rather than the other gas explosions discussed. 
Of importance is the fact that all three gases are very strongly 
adsorbed. The only difference between the two reactions is that 
in the ozone-hydrogen bromide reaction the chains propagate with 
great ease and do not extend out into the gas phase very far be¬ 
fore an explosion develops. In the ozone-bromine reaction just 
the reverse is true. 

A mechanism was proposed by Lewis and Feitknecht which in¬ 
volves a reaction at the wall between ozone and hydrogen bromide 
which gives rise to OH radicals. The latter then propagate chains 
in the gas phase. The mechanism accounts for branching of 
chains. 


DETONATION IN GAS MIXTURES 

In the year 1881, Berthelot and Vieille (63) announced the dis¬ 
covery of the propagation of explosions in gas mixtures w'ith 
speeds enormously greater than had been measured previously. 
These investigators succeeded in measuring the speeds in a num- 
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ber of mixtures by means of chronoelectric (64) and photographic 
(65) methods. These were followed by the measurements of 
Dixon and others in a large number of gas mixtures (66). 

When certain inflammable gas mixtures are ignited at one 
end of a uniform tube, the initial slow movement of the flame is 
rapidly accelerated to a high speed, which remains constant re¬ 
gardless of the length of the column of gas in the tube. The 
term “detonation wave” is applied to the propagation of a dis¬ 
turbance at this constant speed. The following are among its 
more important properties: (/) When established, the detonation 
wave propagates with a constant velocity which depends on the 
chemical and percentage composition of the gas mixture. The 
speeds vary from 1000 to nearly 4000 meters per second. (2) The 
speed is independent of the material of which the tube is made. 
(3) The speed is independent of the diameter of the tube, if this is 
larger than a small limiting value. (4) The speed is practically 
independent of the initial pressure and temperature of the gas 
mixture. (5) The speed is independent of conditions in the rear 
of the wave—that is, it is immaterial whether inflammation is 
started at the closed or open end of the tube and whether ignition 
is produced by a flame, spark, detonator, shock wave or by some 
other means. 

In contrast it should be noted that the period of combustion 
immediately preceding the establishment of the detonation wave 
is markedly influenced by many factors such as the initial pres¬ 
sure, the temperature, the condition of the interior surface of the 
tube, the diameter of the tube, the composition of the mixture, and 
the method of ignition. 

Therefore, the speed with which a detonation wave travels 
is a physical constant of each particular gas mixture. A number 
of attempts have been made to account for these high rates of 
speed. Berthelot and Vieille (67) compared the speed of a deto¬ 
nation wave to the mean kinetic speed of the molecules in the 
burned gases. Dixon (68) likened the speed in the gas mixtures 
to the velocity of propagation of sound in the same gas at the 
high temperatures created by the combustion. Both theories 
were found to be inadequate. 
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Two other theories have been proposed, one by Lewis (69) and 
the other by Chapman and Jouguet (70). 

Lewis’ theory is concerned with the propagation of the wave by 
means of reaction chains. The complete reaction consists of a 
number of steps. The product of any one step is shot forward 
with a velocity corresponding to the energy of translation acquired 
by it and it then becomes a reactant in the next step. A similar 
active product or carrier is continually regenerated. The 
velocity of the carrier is shown to increase to a constant value, 
which is identified with the velocity of the detonation wave in the 
particular mixture. 

While the treatment does not possess the advantage of the 
strictly mathematical theory of Chapman and Jouguet, and for 
this reason may be said to be more limited in the scope of its appli¬ 
cation, it does attempt to present pictures of the microscopic 
molecular mechanisms of propagation from one layer of gas to the 
next. For instance the reaction 

2 CH, + 3 O, -> 2 CO + 4 H,0 

involving a quintuple collision, cannot be considered to occur to 
any appreciable extent in a detonation wave which is travelling 
some 2500 meters per second. In other words, the velocity of 
such a reaction cannot in any way be likened to the speed of the 
flame front. 

The separate links in the chains are usually exothermic in 
character and are of types which occur with reasonable probabil¬ 
ity. The energy liberated in each step is divided equally among 
the several degrees of freedom of the products. This method of 
division is not unquestionable, but it disposes very simply of a 
difficult and in some cases impossible problem (especially where 
the reaction results in two or more products of polyatomic char¬ 
acter) . Some of the products are shot out in the direction of prop¬ 
agation with a velocity corresponding to the energy in their three 
degrees of translation. The active carrier (atom or molecule) 
carries its energy over to the next reaction, accumulating more 
energy with each succeeding step in the chain. Finally the energy 
on the carrier reaches a maximum, which remains constant regard- 
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less of the number of subsequent steps in the chain, correspond¬ 
ing exactly to experimental conditions. As the time for each 
single chemical change to occur can be neglected,* that part of the 
maximum energy which is energy of translation determines the 
velocity of the explosion. 

It can be shown that if the carriers are given an impetus greater 
than the energy in the final carriers, the velocity of the wave will 
slow down to just the value given by the final carriers. This 
deceleration of the detonation wave has, in fact, been observed 

TABLE 1 


Summary of calculated and experimental velocities of detonations 


EXPLOSION 

CARRIER 

VELOCITY 

CALCULATED 

VELOCITY 

OBSERVED 

DEVIATION 

H* 4- 0* 

OH 

meters per second 

3160 

meters per second 

3532 

per cent 

-10 5 

H* + Cl* 

Cl 

1763 

1765 

- 0.11 

CO + 0, 

0 , 

1140 

1135 

+ 0.44 

C 2 N 3 4 * 0 * 

N 

2780 

2728 

+19 

CH 4 4- 0* 

O 

2480 

2513 

- 1 3 

C 2 H 4 4- Oi 

0 

2530 

2559 

- 1 1 

CjHj 4~ O 2 

0 

2947 

2941 

4“ 0 20 

NH, 4- 0, 

0 

2435 

2390 

4- 1.9 

Ha 4- N*0 

OH 

2840 

>2732 

4-< 3 9 

C*H* 4- N 2 0 

0 

2635 

2580 

4- 2 1 

C*H* 4- NO 

0 

2773 

2850 

4* 0 6 

C 2 Hfl 4- Oi 

0 

2010 

2363 

-15 0 

CSi 4“ 0* 

0* 

1960 

1802 

4- 8.8 

20j —* 30* 

0* 

2180 

Not measured 

; calculated on 




Chapman-Jouguet theory 
2123 


(71). It is noteworthy, therefore, that the chain theory explains 
both the acceleration and deceleration of the explosion wave front 
and the final constant velocity characteristic of the mixture. 

The calculated values of the speed of the detonation waves 
agree well with those found experimentally for a considerable 
number of explosive mixtures. (See table 1.) It is not main- 

8 The time required for the two reacting systems to approach and leave the 
sphere in which the chemical change takes place is not neglected. This auto¬ 
matically enters into the final velocity. 
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tained that the mechanisms proposed are necessarily correct. 
They are plausible and possible and they do give rise to a carrier 
which gives the correct velocity, while others give values far 
removed from the experimental. The experimental values are the 
max im um values for a given combustible gas. For instance, 
for hydrogen and oxygen the experimental maximum velocity 
found is for an 8H 2 + 0 2 mixture. 

Although this picturization of the molecular mechanism of 
the reaction chains is helpful in visualizing the chemical activity 
in the explosion wave front, it is not easy to predict quantitatively 
velocities slower than that corresponding to the optimum compo¬ 
sition mentioned above—for example, the slower velocities of 
mixtures resulting from the dilution of the mixture 8H 2 + 0 2 
with inert gases. This arises principally from our uncertainty 
regarding just how, or when, or how much energy is transferred 
during various kinds of collisions. 

The mathematical theory developed by Chapman and Jouguet 
is essentially hydrodynamical. As such it enjoys wider applica¬ 
bility than the chain theory. Some recent calculations by 
Jouguet (72) using specific heat data given by Kast give velocities, 
in some instances, which are not in satisfactory agreement with 
experiment. 

Lewis and Friaut (62) have repeated these calculations using 
the best available specific heat and free energy data. They have 
worked out the case for detonation of hydrogen-oxygen mixtures, 
with and without inert gases, and have taken into account the 
following threefold dissociation at the temperature in the wave 
front 

2 H2O 7 ^ 2 H2 O2 
2 H 2 0 ^ H a + 2 OH 
H 2 ^ 2 H 

They found that the predictions of the theory are remarkably well 
borne out. 

The Chapman-Jouguet theory 

To facilitate an understanding of the method used to calculate 
the velocity of the detonation wave, it seems desirable to give 
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a brief account of the Chapman-Jouguet theory. Consider a 
plane explosion wave traveling in a tube with velocity V. The 
coordinate axes will be assumed to move with the wave front, 
which is consequently stationary in this coordinate system. AB 
and CD in figure 1 are two planes immediately ahead of and 
behind the wave front. Let p i} v u T u Ui and Ei be the pressure, 
specific volume, absolute temperature, velocity with respect to 
the moving coordinate system, and specific internal energy of the 
unburned gases, respectively; and let p 2 , t> 2 , T 2 , tt 2 and E t be the 
corresponding quantities for the burned gases. Since it is as¬ 
sumed that the unburned gases are at rest in a stationary system 
of coordinates, 

«, - — V 

The experimental results indicate that the detonation wave is of 
permanent type. Assuming that this is the case, it is immediately 

C A 


Pi, T'i, Ui, Ei ! Pi, Ci, TUi, Ei 



D B 

Fig 1. Diagram Illustrating Detonation Wave Front 


possible to write the following three equations, which state that 
the mass, momentum, and energy of the matter contained be¬ 
tween the planes AB and CD do not change with time: 

Mass — = — (1) 

t’i 01 


Momentum -(- Pi 

fi 


Energy 


Ei + — + Pifi 


It will be initially assumed also that the chemical reaction 
proceeds to completion and that the composition of the burned 
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gases is consequently known. This furnishes the value of ns, the 
number of moles per gram to be used in the equation of state. 

pst). — niRTt (4) 

These four equations give four relations between the five un¬ 
knowns, V (or —Mi), m 2 , Vt, pt and T 2 , and an additional 
relation is consequently needed for their complete determination. 
Considerations based on mechanics and thermodynamics led 
Jouguet to the conclusion that the required relation is 

(5 ) 

\ d "‘/adiabatic 

The additional relation which was obtained by Chapman from 
different considerations had been shown to be equivalent to 
this. 

If it is assumed that the internal energy of the burned gases is a 
function of the temperature only, it follows that 

Ei - E x - c.(T, - Ti) - Q (6) 


where c„ is the mean specific heat of the burned gases between T t 
and Ti, and Q is the heat liberated by the reaction at constant 
volume, per gram of the explosive mixture. Also 


apA 

^ Vi J adu.butoc 


JiPi 

Vi 


(7) 


where is the ratio of the specific heats for the burned gases at 
the temperature TV If 


Vi 

Vi 


the equations given can be transformed to the forms 

niT, 


-K) 


M + 


fhTiy 2 


0 


R 


'c (T, - TO - Q -j(m - 1) (niTi + 


t)-“ 


( 8 ) 


( 9 ) 


( 10 ) 
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V « it \/yinJtTt 


( 11 ) 


Pj _ njTj 
Pi M niTi 


( 12 ) 


It is seen that equation 11 states that the velocity of the detona¬ 
tion wave is n times the velocity of sound in the burned gases. 

For the computation of V in the case of no dissociation, it is 
assumed that the combination of hydrogen and oxygen to form 
water vapor proceeds to completion. A value for T* is assumed 
and 72 for this temperature is calculated from the specific heats 
of the burned gas. These values for T t and 72 , together with the 
known values of n 1 , n 5 , and T u are substituted in equation 9, 
which is solved for m- This value of n is introduced into equation 
10 , which is then solved to give an improved value of TV The 
calculations are repeated until values of n and T t are found which 
satisfy both equation 9 and equation 10 . The velocity of the 
detonation wave can then be found from equations 11 and the 
pressure, p 2 , from equation 12 . 

The velocities for detonation waves were also calculated on the 
assumption that the chemical composition of the burned gases 
corresponds to equilibrium at the temperature and pressure at¬ 
tained in the wave front. The dissociation of water vapor into 
hydrogen and oxygen and into hydrogen and hydroxyl, and the 
dissociation of molecular into atomic hydrogen must then be 
considered. 

Three additional variables are required to specify the chemical 
composition of the burned gases, and three more equations are 
furnished by the conditions of equilibrium. By an extension of 
the method of calculation outlined above, values for T », n, and the 
three variables which specify the composition of the burned gases 
are found which satisfy equations 9 and 10 and the three condi¬ 
tions of equilibrium. These values can then be used to determine 
the velocity from equation 11 . 

Two interpretations of lb »tu are possible when 

dissociation is considered. In the first, (dp s /dt> s )* d ut»tie is taken 
to mean the adiabatic change of pressure divided by change of 
volume for a gas of the invariable chemical composition found 
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from the conditions of equilibrium. This interpretation leaves 
unchanged the equations which have been given and is the one 
which has been used for the calculation of velocities. The other 
interpretation is that (d/^/d^OadiabRtic is to be taken on the assump¬ 
tion that the chemical composition of the gas changes during the 
adiabatic compression, so as to be in chemical equilibrium at all 
stages of the infinitesimal compression. Consideration of the 
theory indicates that the second assumption is the one that should 
be used. The equations given are valid for the first assumption. 
These equations have been used because they are simpler mathe- 

TABLE 2 


Calculated and experimental velocities of detonation wave in hydrogen and oxygen, 
diluted W'ith nitrogen, oxygen, and hydrogen 


EXPLOSIVE MIXTURE 

CALCULATED VELOCITY 

EXPERIMENTAL 
VELOCITY 
(DIXON AND 
OTHERS) 

DEVIATION 

Without 

dissociation 

With threefold 
dissociation 



meters per second 

meters per second 

meters per second 

per cent 

211*+ 10, 


3278 

2806 

2819 

-0 43 

it 

+ IN* 

2712 

2378 

2407 

-1 2 

ti 

+ 3Nj 

2194 

2033 

2055 

-1 07 

it 

+ 5N, 

1927 

1850 

1822 

-j-1 15 

it 

4- IO 2 

2030 

2302 

2319 

-0 73 

ti 

4- 3 O 2 

2092 

1925 

1922 

+0 in 

it 

+ 50 2 

1825 

1735 

1700 

+2 06 

it 

+ 2H 2 

3650 

3354 

3273 

+2 48 

it 

+ 4H, 

3769 

3627 

3527 

+2 83 

ti 

+ 6H* 

3802 

3749 

3532 

+6 15 


matically and because the differences between the velocities cal¬ 
culated in these two ways are less than 0.4 per cent. 

For the choice of data, specific heats, free energies, and the cal¬ 
culation of equilibrium constants in the different ranges of tem¬ 
perature, the original paper by Lewis and Friauf should be con¬ 
sulted. 

The results of a few of the calculations are given in table 2 
to show the kind of agreement obtained. 

ijyWith a large excess of hydrogen the agreement is not as good as 
with smaller amounts of hydrogen. If equilibrium is assumed, 
dissociation is almost negligible. The larger deviation for the 
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mixtures richer in hydrogen is, therefore, probably due to the in¬ 
completeness of combustion in the wave front at these high speeds 
This is borne out by direct photographs of the amount of com¬ 
bustion taking place behind the wave front. 

The effect of helium and argon 

The addition of helium and argon to the explosive mixture 
furnishes another means of checking the correctness of the Chap- 
man-Jouguet theory. The theory indicates that the velocity of 
the detonation wave is proportional to the density of the gas 
mixture after combustion and to the absolute temperature reached 
in the wave front. If the inert gas helium be added to a mixture 
of 2H 2 and 10 2 , the velocity should increase as a result of the 
decreased density. On the other hand, argon, because of its 
greater density, should be expected to effect a decrease in the 
velocity. One has here the ordinarily unexpected result that 
two inert monatomic gases differing in atomic weight but identical 
in every chemical respect affect the velocity of the explosion in 
opposite directions. For the same quantities of added inert gas, 
the degree of dissociation and the heat capacities, and conse¬ 
quently Ti, 7 2 , and n, are the same. The calculated velocities for 
mixtures with an equal number of moles of helium and argon 
are therefore inversely proportional to the square root of the 
density of the burned gases. 

To test the theory it is highly desirable to eliminate all variable 
factors except one. By adding helium or argon, or mixtures of 
helium and argon, to the explosive mixture it is possible to keep 
all factors constant wdth the exception of the density and to 
determine whether the dependence of velocity upon density is, 
or is not, of the form predicted by the theory. 

Photographs taken of the moving wave front by direct and 
Schlieren photography indicate that the predictions of the Chap- 
man-Jouguet theory are amply verified. Differences between 
calculated and experimental values (see Lewis and Friauf) are in 
such a direction as to be accounted for by failure to attain equi¬ 
librium in the flame front. 

The importance of these results with helium and argon and their 
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bearing on the explosion method for determining specific heats has 
been pointed out (73). 

It is seen that the Chapman-Jouguet theory furnishes no satis¬ 
factory explanation of the extreme rapidity with which chemical 
reactions occur in gas explosions. A fusion of the chain reaction 
and the hydrodynamical theories is necessary for an understand¬ 
ing of two striking phenomena in explosions. These are: ( 1 ) the 
extreme rapidity of chemical reaction in the wave front, and 
(£) the high speed of the detonation wave. The chain reaction 
theory is able to account generally for very high rates of chemical 
reactions. Granted a high rate of chemical reaction, the Chap¬ 
man-Jouguet theory is able to predict the velocity of the detona¬ 
tion wave. In this fusion of the two theories it is only necessary 
to find a reaction carrier in the chain that will propagate the 
chemical reaction through an infinitesimal element of volume in a 
period not greater than that required for the detonation wave to 
sweep across this volume. This combination of the two theories 
introduces no changes in the equation developed in the Chap¬ 
man-Jouguet theory. The question whether the chemical reac¬ 
tions in the wave front are a result of the passage of the detonation 
wave or the detonation wave a result of the chemical reactions 
need not then concern us. 
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The number of investigations concerning free atoms and 
radicals is rapidly growing. A large amount of information deal¬ 
ing with their various properties is now available. The extent of 
this experimental and theoretical information necessitates con¬ 
siderable limitations to be imposed on the scope of the present 
review and only quantitative data concerning homogeneous 
gaseous reactions of free atoms will be discussed. 

THE EXCHANGE REACTIONS 

In 1919 Herzfeld (1), Christiansen (2) and Polanyi (3) pro¬ 
pounded the theorem that gaseous exchange reactions of the type 

A + B -♦ C + D 

where A is an atom with free valences, require no activation 
energy if the process is exothermic and require therefore an activa¬ 
tion energy equal to the heat of reaction if the process is endo¬ 
thermic. Thus the rate of such exothermic reactions can be repre¬ 
sented by the rate of gas kinetic collisions, multiplied eventually 
by a “steric factor” which takes care of the necessity of definite 
orientation in the moment of collisions. It was assumed to be 
not far from unity. The rate of endothermic reactions, accord¬ 
ingly, is represented by a similar expression multiplied by the 
heat of reaction in an exponential function. For a considerable 
time all experimental observations seemed to support this theory. 
The absence of activation energy was established in a number of 
atomic reactions. Simultaneously some information on the 
magnitude of the steric factor became available. 

The original justification for the theory was obtained from an 
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analysis of the experimental data of Bodenstein and Lind (4) on 
the thermal hydrogen-bromine reaction. These data, enriched in 
the meantime by the study of the photochemical reaction (5), 
show conclusively that the reaction proceeds through the steps: 


(1) 

Bra —* 

2Br 


(2) 

Br + Ha 


HBr+ H 

(3) 

H + Bra 


HBr + Br 

(4) 

H + HBr 

-> 

H 2 + Br2 

(5) 

Br + Br 


Bra 


Of these, reaction 2 is endothermic to the extent of 17,000 cal. and 
reactions 3 and 4 are exothermic. The conclusion that the latter 
two do not require an activation energy was arrived at from the 
knowledge that their velocity ratio (equal to eight, owing to a 
steric factor) is constant over a very wide temperature range. 
Thus an identical activation energy must be associated with 
both these processes and the value zero appears most likely. The 
temperature coefficient of the photochemical process points to 
reaction 2 as having an activation energy equal to the (negative) 
heat of reaction, unless reaction 5 has also an activation energy. 
Furthermore, if such an activation energy is assumed for reac¬ 
tion 2, the rate of reaction 5 is calculated in agreement with the 
triple collision theory, as will be seen later. 

Numerous examples of atomic exchange reactions without acti¬ 
vation energy have been discovered by Polanyi and his coworkers 
(6) in their studies of the “highly dilute flames”—reactions of 
alkalis and some other metallic vapors with gaseous halogens and 
some halides at very low pressures. The reactions of alkalis (Me) 
and halogens (HI) occur according to the scheme: 

Me + Hlj —> MeHl + HI 

HI + Me, MeHl + Me 

Both the steps are exothermic and, according to Polanyi, occur 
with a velocity which shows that the reactions do not require an 
activation energy. Similar results were obtained in the study*of 
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the reactions of alkalis with volatile halides of divalent metals, 
which also occur in two exothermic steps: 

Me + HgHl s -» HgHl + MeHl 

HgHl + Me -> Hg + MeHl 

Neither of these requires an activation energy. Shay (7) studied 
recently the reaction of alkalis with hydrogen halides. He found 
that the rate of reaction of sodium with hydrogen chloride, which 
is endothermic to the extent of some 5000 cal., is about .01 of the 
number of kinetic collisions at 600°K and is about .04 at 700°K. 
These figures, substituted in the equation 

Reaction rate -t/KT 
Collision number 

give as the activation energy 5500 and 4600 cal., in good agree¬ 
ment with the value for the heat of reaction. The use of the 
above equation implies, of course, that the steric factor is equal 
to unity. The activation energy, however, cannot be less than 
the heat of reaction in endothermic processes and the above 
result shows that in the sodium-hydrogen chloride reaction the 
steric factor is very near unity. The reactions of sodium with 
hydrogen bromide and hydrogen iodide and those of potassium 
with hydrogen chloride and hydrogen bromide are accompanied 
by no appreciable heat changes. They occur on ever}' collision 
as nearly as can be established. The reaction of potassium and 
hydrogen iodide, finally, which is exothermic to the extent of some 
5000 cal., occurs about ten times faster than would be anticipated 
from the number of kinetic collisions. The same is true of the 
first step in the reactions of sodium w T ith halogens mentioned 
above. All these processes occur already when the reactants 
approach each other to a distance of lOA. 

The semiquantitative work of Boehm and Bonhoeffer (8) on 
hydrogen atoms indicates that their reactions, not only with 
bromine, but also with other halogens and with hydrogen sulfide, 
occur at room temperature with a rate not far below the rate of 
kinetic collisions. No accurate estimates of the steric factor can 
be made for these reactions. 
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Some time ago London (9) pointed out that, from the quantum 
mechanical point of view, reactions of free atoms should require 
activation energy, but in amounts normally less than those char¬ 
acteristic of reactions of molecules with saturated valences. 
Since then a large number of atomic reactions with activation 
energy has been studied and the already discussed cases, where 
no activation energy was found, appear as exceptions rather than 
as a rule. One of the atomic reactions requiring activation energy 
was known prior to the publication of London. It is the reaction of 
chlorine atoms with hydrogen molecules. Coehn and Jung (10) 
have established that in very dry hydrogen-chlorine mixtures no 
measurable reaction occurs on illumination, although it is known 
that chlorine atoms are produced. To account for the lack of 
reaction, the reaction rate of chlorine atoms with hydrogen mole¬ 
cules must be so slow that an activation energy well in excess of 
10,000 cal. appears necessary. Also, if hydrogen atoms are in¬ 
volved in the chain, their reaction with hydrogen chloride must 
require an activation energy of several thousand calories, since the 
latter substance does not inhibit the main reaction. A more 
direct evidence of atomic reactions with activation energy was 
obtained by Kistiakowsky (11), who found that the reaction rate 
of excited oxygen atoms in the 'D state with hydrogen molecules 
was less than 10“ 4 of the number of collisions, thus necessitating 
an activation energy of at least 5000 cal. The rate of this reaction 
with non-excited atoms, according to Kistiakowsky, is probably 
still slower. According to Harteck and Kdpsch (12) the reaction 
which non-excited oxygen atoms undergo with hydrogen mole¬ 
cules is, undoubtedly, O + H 2 —*■ OH + H. From the collision 
yield (10 - ®) at room temperature they estimate the activation 
energy to be 8000 cal., from the temperature coefficient E — 
6000 ± 1000 cal. It is possible, therefore, that the steric factor 
of this reaction is considerably below unity. The same authors 
find that the reaction of oxygen atoms with methane requires 
about 7000 cal. as calculated from the collision yield at room 
temperature, and that the reaction H 2 0 + O -> 0 2 + H 2 + 1500 
cal. is still much slower. Kistiakowsky and Millington (13) find 
that the reaction between excited oxygen atoms and methane is as 
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slow as the reaction with normal atoms. Thus it seems to be 
established that the presence of electronic excitation energy in 
the atom does not preclude the necessity of additional activation 
energy of kinetic and vibrational origin. This is in accord with 
the views of London. 

Farkas (14) and more recently Geib and Harteck (15) have 
thoroughly investigated the reaction 

H + H, Htoitho 4- H 

finding that it requires 7200 cal. and that the steric factor is 
about 0.1. 

Schumacher (16), from considerations of the mechanism of the 
photochemical ozone decomposition, concludes that the reaction 
O + Oj *= 2 Oj occurs in one out of 2000 collisions at room tem¬ 
perature, which corresponds to 4500 cal. activation energy if the 
steric factor is unity. 

v. Hartel and Polanyi (17) have succeeded in finding, by the 
method of “highly dilute flames,” a large number of reactions 
requiring activation energy. All of these involve sodium and 
organic halides and proceed according to the scheme 

Na + RH1 -» NaHl + R 

Table 1 summarizes their results and shows quite obvious regulari¬ 
ties in such a series as the methyl, ethyl, phenyl monohalides or in 
the series of mono-, di-, tri- and tetra-chloromethanes. 

These figures have been computed by the comparison of the 
reaction velocities, measured around 250°C., with the collision 
numbers, and involve the assumption that the steric factors are 
equal to unity. While this assumption is not far from the correct 
one in some instances, it may lead to quite wrong results in other 
cases. Thus v. Hartel and Polanyi find, from the temperature 
coefficient of the sodium-methyl chloride reaction, an activation 
energy of 7500 cal. in satisfactory agreement with the otherwise 
calculated value. On the other hand, the negligible temperature 
coefficient of the sodium-cyanogen reaction points to an activa¬ 
tion energy of not more than 2000 cal... while from the reaction 
rate v. Hartel and Polanyi calculate 12,000 cal. Here the steric 
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factor is of the order of 10 _4 . The authors attribute this to a 
shielding by nitrogen atoms of the carbon-carbon bond which is 
disrupted in the reaction with sodium. 

Summing up the discussed data on the exchange reactions, it is 
found that the activation energies range from zero to more than 
25,000 cal., but ordinarily are of the order of several thousand 
calories. The steric factor varies at least by a factor of 100 in 
reactions involving diatomic molecules and is capable of still 
larger variations in atomic reactions with polyatomic molecules. 

THE ADDITION REACTIONS 

The other atomic reactions which received considerable atten¬ 
tion are association reactions, 

a + b -» c 

which have been thoroughly discussed theoretically. Experi¬ 
mental material however is still quite meagre, although there is no 
lack of attempts to study such reactions. This type of atomic 
reaction was brought into the focus of general interest by a paper 
of Born and Franck (18), in which the authors concluded that the 
direct addition reaction is highly improbable in the case of atoms. 
Their reasoning is that the energy of the complex formed on the 
collision of two atoms and equal to the heat of reaction plus the 
kinetic energy of the relative motion of the particles is usually dif¬ 
ferent from the amounts which the molecule can take up as the 
quantized energy of the electronic excitation and nuclear vibra¬ 
tion. Accordingly, the complex is unstable and must fall apart 
w'ithin a time comparable to the time of one half oscillation of the 
molecule, unless a third body—a gaseous molecule, an atom or a 
solid surface—colliding with the complex takes away a part of 
the energy and thus stabilizes the molecule. From these assump¬ 
tions the equation can be readily derived: 

d(C) fcifa(A)(B)(A0 
d< - + K,(F) 

T 

where (A), ( B ) and (C) are the concentrations of the reactants and 
of the product, ( N) is the concentration of molecules acting as the 


CHB*aCAL RBVWWB, VOX*. X, NO. 1 
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“third body,” K, and K t are the velocity constants of the complex 
forming and of the stabilizing processes, and t is the mean life of 
the complex. If r is of the order of 10' 13 seconds, while K t (N) is 
of the order of collision frequency, i.e., 10 10 at atmospheric pres¬ 
sure, the above equation is simplified to: 

” » K,K,t(A)(B)(.N) 
df 

If A’i is also of the order of collision frequency, the rate, as given 
by this equation, is of the same order of magnitude as the rate of 
triple collisions The latter are defined as those collisions in 
which a third molecule is within molecular distance from the center 
of two colliding molecules. 

The equation has received an experimental confirmation in the 
work of Jung and Jost (19) w T ho determined the rate of the re¬ 
combination of bromine atoms from a study of the hydrogen- 
bromine reaction. They found that at atmospheric pressure and 
500°K about 0.005 of all collisions between bromine atoms lead to 
molecule formation and that the yield is proportional to the total 
gas pressure, hydrogen and bromine being present. Assuming 
that Kr and Kt are kinetic collision frequencies, r is calculated 
from Jung and Jost’s data to be 3 X 10' 18 sec., while the inverse 

of the fundamental frequency of the bromine molecule is = 

2 X 10' 13 sec. This excellent agreement should be taken how¬ 
ever with some reservations, because Jung and Jost find that 
argon and helium are less than 0.1 as efficient as hydrogen and 
bromine in stabilizing the complex. This shows that Kt is not 
necessarily equal to the kinetic collision frequency and that the 
stabilization is a selective process. The equalling of K\ to colli¬ 
sion frequency can be sometimes doubted also, because Jackson 
and Kistiakowsky (20) find that the reaction O + CO + N = CO* 
+ N proceeds some 100 times slower than the reaction O + 
0 2 + N = O s + N. The introduction of a “steric factor” into the 
equation seems to be appropriate here. 

Although a very large amount of u oi k has been devoted to the 
study of the recombination of hydrogen atoms, the results are still 
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not completely certain. Smallwood (21), Senftleben and Rieche- 
meier (22), and Steiner and Wicke (23) agree that the rate at low 
pressures is given approximately by the number of triple collisions, 
although they disagree on the magnitude of the “steric factor.” 
On the other hand, it is claimed (24) that in the Langmuir atomic 
arc hydrogen atoms can be blown out to the distance of several 
centimeters at atmospheric pressure. This indicates that the 
recombination rate is slower than the rate of triple collisions by 
several orders of magnitude and suggests that the other results 
may be ascribed to heterogeneous reactions. 

Since the appearance of Born and Franck’s paper two other 
mechanisms of atomic recombination have been discussed. 
Polanyi and Wigner (25) consider a process which is essentially 
the reversal of the optical Auger process (predissociation) or of the 
mechanism of unimoleeular decomposition as developed by Rice 
and Ramsperger (26). If the energy of the colliding atoms (or 
radicals), including the heat of molecule formation and their 
relative kinetic energy, happens to be equal to one of the quan¬ 
tized energy levels of the molecule, 1 a radiationless transition 
may occur in the moment of collision whereby the energy is 
redistributed and a relatively stable molecule results. The prob¬ 
ability of this process is not infinitely small because the quantized 
levels have a finite breadth. The semistable molecule will then 
either reverst- the process of energy distribution and fall apart 
again, or it v ill emit the energy as radiation or lose it on colli¬ 
sions. The kinetic treatment of these assumptions leads to the 
equation: 


d(C) 

dt 


- Ki(A)(B) 


- + ^ + K t {N) 


where (A), (B), ( C ) and (N) have the same meaning as before, Ki is 
the rate constant of the association process, Ki the constant of the 


J An excited electronic level in diatomic molecules, and either that or a state 
in which the energy is distributed among vibrational degrees of freedom in 
polyatomic molecules. 
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“third body,” K x and K 2 are the velocity consul, 
forming and of the stabihzing processes, and r is the mean 
the complex. If t is of the order of 10" 18 seconds, while K t (N) is 
of the order of collision frequency, i.e., 10 10 at atmospheric pres¬ 
sure, the above equation is simplified to: 

-K,K,t(A) (B)(AT) 
at 

If K t is also of the order of collision frequency, the rate, as given 
by this equation, is of the same order of magnitude as the rate of 
triple collisions. The latter are defined as those collisions in 
which a third molecule is within molecular distance from the center 
of two colliding molecules. 

The equation has received an experimental confirmation in the 
work of Jung and Jost (19) who determined the rate of the re¬ 
combination of bromine atoms from a study of the hydrogen- 
bromine reaction. They found that at atmospheric pressure and 
500°K about 0.005 of all collisions between bromine atoms lead to 
molecule formation and that the yield is proportional to the total 
gas pressure, hydrogen and bromine being present. Assuming 
that K i and K 2 are kinetic collision frequencies, r is calculated 
from Jung and Jost’s data to be 3 X 10" 18 sec., while the inverse 

of the fundamental frequency of the bromine molecule is — = 

Vo 

2 X 10" 13 sec. This excellent agreement should be taken how¬ 
ever with some reservations, because Jung and Jost find that 
argon and helium are less than 0.1 as efficient as hydrogen and 
bromine in stabilizing the complex. This shows that K 2 is not 
necessarily equal to the kinetic collision frequency and that the 
stabilization is a selective process. The equalling of Ai to colli¬ 
sion frequency can be sometimes doubted also, because Jackson 
and Kistiakowsky (20) find that the reaction O + CO + N = C0 2 
+ N proceeds some 100 times slower than the reaction O + 
0 2 + N = 0 3 -fi N. The introduction of a “steric factor” into the 
equation seems to be appropriate here. 

Although a very large amount of work has been devoted to the 
study of the recombination of hydrogen atoms, the results are still 
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TYPES OF CHEMICAL REACTIONS 

Chemical reactions proceed by a great variety of mechanisms. 
In many reactions there is light emission of a kind undoubtedly 
associated with electron transitions. The overwhelming majority 
of reactions go faster with a rise in temperature. Of necessity 
endothermic and exothermic reactions are equal in number, 
although the latter are more apt to proceed spontaneously. 
Reactions in the solid phase are rare but very many examples of 
reactions in solutions, in the gas phase, and on surfaces can be 
cited. Reactions in solution are frequently instantaneous. 
These are generally known to involve the combination of ions. 
Reactions in solution involving the breaking of an electron pair 
bond are generally slow and proceed more rapidly with a rise in 
temperature. Such bonds belong to a class known as homopolar 
and will be the chief concern of this paper. Many bonds which 
have all the properties of the homopolar bond in the gas phase are 
polar in solution. Two atoms are really linked by a chain of 
electrons. If the weak link is the electron pair bond we speak of it 
as being homopolar. If it is between the positive nucleus and an 
electron we say it is polar. Naturally the latter link, which is an 
electrostatic one, is much weakened by solution in a substance of 
high dielectric constant. In the gas phase the weak link is 
probably always the homopolar bond. 

A large class of reactions proceeds without involving radiation 
at any step. The energy necessary to permit the breaking and 
reforming of homopolar bonds comes from violent collisions. 

1 Research Associate in Chemistry, Princeton University. 
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Since the energy known to be used in reactions is often insufficient 
to break either bond outright, the bonds must weaken each other 
as they approach. Thus upon collision certain bonds go over into 
new ones by a gradual or adiabatic process. It is this very general 
type of reaction that has been most satisfactorily treated by the 
quantum mechanics and that will be discussed here. 

If the bond between two atoms depended only on the distance 
between them and not on the location of other atoms, valence and 
activation energy would play a far less prominent r61e than they 
do. Actually an atom attracts other unsaturated atoms until its 
valences are satisfied, after which it repels all others. If with 
three atoms of equal valence we want the reaction 

Y + XZ - YX + Z (1) 

to occur we must somehow force Y to come so close to X that X 
becomes undecided to which atom it belongs. This state of inde¬ 
cision is the activated state. The energy expended in forcing the 
atom Y to approach X is the activation energy. 

Molecules (or atoms) in the liquid or gaseous state are moving 
with random velocities. A fraction of the molecules, increasing 
with temperature, travel with enormous velocities. When two 
of these fast groups collide, head on, the atoms in the different 
molecules get as near to each other as they are to their former 
partners, with the result that there may be a change of partners 
and a bimolecular reaction. A unimolecular reaction is a violent 
internal collision with a consequent change in the partners that 
are bound together. In some cases the change is a dissociation 
occurring as soon as the energy concentrates in the right bond. 
Rice (1) has considered unimolecular reactions in connection with 
predissociation. 


NATURE OF CHEMICAL BONDS 

The forces holding atoms together all arise from the fact that 
they are composed of positive and negative charges and, in fact, 
roughly one-tenth of the binding energy in a homopolar bond may 
be calculated simply by using the inverse square law between 
charges. The electrons, to be sure, must be assumed to have the 
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eloudlike probability of distribution given by quantum mechanics. 
This coulombic binding, or the coulombic integral, is evaluated by 
integrating the coulombic potentials over the electron clouds. 
The assumption that a group of atoms with their positive nuclei 
and electrons must satisfy a Schrodinger equation and the Pauli 
exclusion principle introduces in addition an entirely new sort of 
potential energy between atoms, called the interchange binding 
or interchange integral. To understand more clearly the nature 
of this interchange integral we shall digress somewhat at this 
point. 

For a hydrogen atom we have the Schrodinger equation: 


a** _i_ . 

dx a + dy 1 + dz s + 


8 IT 2 JU 

h 2 


(E — V) # 


0 


( 1 ) 


e 2 

The potential energy V has the form V = — . x, y and z are 

r 

ordinary rectangular coordinates, m is the electron mass and h 
is Planck’s constant. Equation 1 has only physically interpret¬ 
able solutions, \p, for particular values of the energy E. is 
called the characteristic function or eigenfunction, and E the 
characteristic value, or eigenvalue. The values of E are, of 
course, the energy levels of hydrogen. The ^’s are functions of 
the coordinates of the electron x, y, z and certain integers n, l, m. 
E, on the other hand, does not depend on the coordinates of the 
electron but does depend on the quantum numbers n, l, m. Thus, 
for each particular set of values for the quantum numbers we have 
a particular t and a particular E. n, the principal quantum 
number, goes from 1 through the positive integers. The quantum 
number l is always less than n. 1 = 0 for s electrons, 1 for p 
electrons, 2 for d, etc. For a particular value of n and m we can 
have the 21 + 1 values of m going from —l to +/. These 21 + 1 
values for m are all the permitted projections of the angular 
momentum vector, l, along the axis of an applied magnetic field. 

The probability of an electron being at some point in space is 
proportional to the value of +> at that point, so that two electrons 
with any of their quantum numbers different will not have the 
same probability of being at all points in space. The same system 
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of quantum numbers that serves to describe hydrogen enters 
automatically through the Schrodinger equation into the descrip¬ 
tion of every atom. For atoms with more than one electron the 
potential energy is simply the sum of all the attractive terms 
between the nucleus and the electrons plus all the repulsive terms 
between the electrons. The other modification made in equation 
1 is that a Laplacian, 


d*u 5*u i'll 

+ + dT* 

for the coordinates of each new electron is added. The eigen¬ 
function for the new equation will be approximately a product of 
hydrogen-like eigenfunctions 

U — ^1 <h — 

where for each t we can specify a set of integral quantum numbers 
n, l, m just as in hydrogen. It might be supposed that all the 
electrons would choose the same lowest set of quantum numbers. 
On the contrary the Pauli principle states that not more than two 
electrons in one atom can have the same set of quantum numbers 
n, 1, m. In order to explain the Zeeman effect for large atoms it 
was necessary to assign to all electrons a fourth quantum number, 
S. The spin quantum number. S, can have only values of | or 
—§. If two electrons in an atom have the same quantum num¬ 
bers n, l , m, the spin quantum numbers must have opposite 
signs. Thus, no two electrons in an atom can have all four 
quantum numbers equal. Two electrons in separate atoms, how¬ 
ever, may have all four quantum numbers equal. The general 
statement of the Pauli principle then is that no two electrons can 
have the same eigenfunction, i S, where 5 is the spin part of the 
eigenfunction. 

Zener and Slater (2) have shown how one can write down an 
approximate eigenfunction for an electron in any atom for which 
the four quantum numbers are given. For our purpose it will not 
be necessary to write them down. But evidently if one specifies 
the quantum numbers and the atom to which each electron be- 
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longs, an enterprising person can write down the eigenfunction for 
the system as long as the atoms are far apart. It will be merely 
the product of the separate eigenfunctions for each electron. 
But, even if one keeps the same set of quantum numbers, still by 
interchanging the positions of the electrons we get many different 
eigenfunctions, all corresponding to the same energy and all 
equally good solutions of Schrodinger’s equation. Now, wher¬ 
ever two electronic eigenfunctions overlap, either inside a single 
atom or between two atoms, the electrons trade around in every 
possible way not in violation of the Pauli exclusion principle. 
This is a phenomenon we neglected entirely when we considered 
the coulombic binding and prepares us to expect a modified bind¬ 
ing energy. This trading may be done in different ways. If the 
electrons are simultaneously in the same neighborhood oftener 
than they would be if each moved at random, there is increased 
attraction. If they occupy the same neighborhood less fre¬ 
quently than they would if moving at random, we get a dimin¬ 
ished binding. This additional potential energy is called the 
interchange integral. In order for two equivalent electrons to 
occupy the same neighborhood, they must, by the Pauli exclusion 
principle, have oppositely directed spins, since the other part of 
their eigenfunctions are identical. Thus for oppositely directed 
spins the interchange integral increases the binding, since the 
binding electrons can spend more of their time between the 
atoms. 

Heitler and London (3) first discovered the interchange binding 
for molecules and made the calculation for II 2 . 

ACTIVATION ENERGY FOR REACTIONS IN WHICH THREE ELECTRONS 

CHANGE PARTNERS 

If two monovalent atoms have the spins of their electrons oppo¬ 
sitely directed (antiparallel), giving an attractive interchange 
binding (the coulombic attraction does not depend on the direc¬ 
tion of the spin), it is evident that a third atom cannot possibly 
have its spin antiparallel to the other two. The third atom will be 
repelled by at least one of the other atoms. London (4), using 
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perturbation theory, gave the following approximate expression 
for the energy of three monovalent atoms: 

E t -A + B + C + (l/2(o - 0)» + (o - 7 ) s + (fi- r) s ) 4 (2) 

Figure 1 represents three monovalent atoms Y, X and Z at the 
comers of a triangle. The quantities written on the connecting 
lines between pairs of atoms are the energies which would be 
required to separate the pair if the third atom were not present. 
The important point is that although the energy, E z , is not the 
sum of the three bond energies, still it is given in terms of the 
bonds between atom pairs. The potential energy curve for 
many diatomic molecules can be constructed using well-known 



Fig. 1. Three Atoms and the Potential Energies Which Determine the 

Total Potentials 


spectroscopic data in a Morse (5) curve and these may be used for 
evaluating the binding between atom pairs. To calculate E 3 , it is 
not enough, however, to know A + a, B + 0 and C + y, which 
the Morse curves give us. In addition we must know A, B and 
C, the coulombic part of the binding energy, a, 0 and y are the 
interchange binding. In the case of hydrogen the coulombic part 
of the binding energy is approximately 10 per cent of the total, 
as shown by Suguira’s (6) evaluation of the integrals of Heitler 
and London (3). 

Farkas (7) found for the reaction 

H W + H " H W>u. + H 


(3) 
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an activation energy of from 4 to 11 kg-cal. Eyring and Polanyi 
(8) using equation 3 with a Morse curve for H 2 found 13 kg-cal. 
If a different Morse curve is used (i.e., one which fits on to the 
theoretical curve at great distances, where the theoretical curve is 
known to be correct) the calculated activation energy falls inside 
the experimental limits. 

We will now consider how such a calculation of the activation 
energy is made. The problem is to find how an H atom can be 

# n JtL- G -M 

Fig. 2. Position of Three Atoms for the Potential Surface Given jn 

Figure 3 



Pittance between atoms YZ in Angstroms 


Fig. 3. Energy Contours for Three Hydrogen Atoms in a Line 

brought so near an H 2 molecule that the central atom, being as 
near one neighbor as the other, is as apt to take the new partner 
as to retain the old one. From equation 2 and a potential energy 
curve for H a one can calculate the potential for every configuration 
so that the problem is certainly soluble. An examination of E» 
shows that less energy will be required if the three atoms are kept 
on a straight line; so we need not consider other configurations. 
If the distances n and r 2 of figure 2 be plotted at 120° to each 
other and the energy, E s , be indicated by contour lines we get 
figure 3. It was shown in the paper last quoted that a ball made 








110 


HENRY EYRING 


to roll on the surface corresponding to figure 3 will show exactly 
how ri and r 2 will change in the H 3 complex. This surface, then, 
solves our problem. The surface resembles two long valleys 
stretching away to infinity parallel to the axes. As one travels up 
either valley toward the origin one climbs slowly to 13 kg-cal. 
Here one passes into a shallow basin 1.6 kg-cal. deep. Passing 
through this basin one reaches again, in the symmetrical position, 
a gap in the basin rim 13 kg-cal. high and then descends slowly 
into the second valley. The valleys on their sides nearest the 
borders of the map rise steeply, corresponding to the repulsion 
between two hydrogen atoms forced closer together than .76 
Angstroms. On the inner side the valleys rise less steeply toward 
a high central plateau, 101.5 kg-cal. high, corresponding to disso¬ 
ciation of the Hj complex into three separate H atoms. Sea level, 
or 0 kg-cal., corresponds to the lowest attainable energy for an 
H 2 molecule with the third H atom infinitely far away. The sea 
itself descends to a maximum depth of 6.1 kg-cal. This is poten¬ 
tial energy corresponding to the half quantum of vibration of the 
H 2 molecule which it cannot give up as long as it remains an H 2 
molecule. It does become available in reducing the activation 
energy in reaction 3, however. Reaction 3 is represented on our 
contour map by the broken line with arrows proceeding along the 
bottom of one valley through the basin into the adjoining valley, 
i.e., from large rj to large r 2 . The activation energy is, of course, 
the least energy which permits passage from one valley to the 
other. A ball rolling along the valley so that n increases and r 2 
remains constant, represents pure translational energy of separa¬ 
tion of an H 2 molecule from an H atom. A periodic motion 
back and forth across the valley corresponds to vibration of the 
H 2 molecule. The significance of these motions is immediately 
understood by considering what the corresponding changes in n 
and r 2 signify from figure 2. To find out whether reaction 3 will 
require its activation energy in the form of vibration or transla¬ 
tion, a ball is placed in the gap between the basin and the valley 
and allowed to descend into the valley. It is then determined how 
much of the kinetic energy is motion along the axis of the valley 
and how much is transverse to it. This will determine how the 
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ball must be sent in the reverse direction so that it will just reach 
the top of the pass without any excess energy. For the para- 
hydrogen reaction only translational energy is used. This is clear 
when it is remembered that vibrational energy can be absorbed 
only in lumps of around 12 kg-cal., whereas the surface shows 
that not more than one or two of the 13 kg-cal. for activation can 
be efficiently used in the form of vibrational energy. 

A ball projected in the most efficient way from one valley 
passes very slowly through the first pass and into the shallow 
basin where it zigzags back and forth before finding its way out 
through the second gap. The three atoms thus form a quasi¬ 
molecule or sticky collision. If during the time the ball is in the 
basin a collision from the outside carries off its energy, it must 
remain in the basin until it recovers the energy. If the basin 
were 25 kg-cal. instead of 1.6 kg-cal. deep, H s would be stable at 
room temperatures and the recovery of the energy with the subse¬ 
quent escape of the ball would constitute a unimolecular decompo¬ 
sition. 

It is instructive to consider as simple an example as H s , since 
Volmer (9) and his collaborators have demonstrated that the 
decomposition of nitrous oxide is unimolecular with a peculiarly 
low specific reaction rate 

_ JL 

k - 10 10 e RT (4) 

Ordinarily the proportionality factor is of the order 10 13 , as 
Polanyi and Wigner (10) were able to show should be the case for 
a somewhat specialized molecule with many atoms. Their factor 
10 13 is the most rapid characteristic vibration frequency for the 
molecule. Their method, which depended on there being many 
atoms and many characteristic vibration frequencies, is not 
accurate for so simple a molecule as N 2 0, but it is just these simple 
molecules for which it is possible to construct potential energy 
surfaces and roll the ball on them. For a unimolecular reaction 
the activation energy E of equation 4 is the depth of the potential 
energy basin measured from the bottom to the lowest point in the 
rim of the basin through which the ball can escape to the outside. 
The half quanta of vibration must be allowed for. For the ball to 
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escape from the basin it not only must have the energy E but it 
must be vibrating in a direction to escape through the low point 
or points in the rim. In general, when it first gets the energy E 
it will not be doing this. Depending on the shape of the surface, 
it may require one or many vibrations before it makes its escape. 
It is thus easy to see that this life of an activated molecule will be 
a specific thing for each molecule. For the specific reaction rate 
constant k we should write an expression analogous to 


k 


S e rt 


or" 


(1/2 n - 1)! 


since we are supposing the energy distributed among all the 
internal degrees of freedom. S is the average reciprocal of the 
time required for the ball to escape from the basin after it has at 
least the energy E (depth of the basin) distributed through its n 
squared terms. One interesting proposition follows immediately 
from this picture of a unimolecular decomposition. The ball 
when it has the smallest E enabling it to escape can escape only 
at the very lowest points of the rim of the basin. As the energy is 
increased it can escape over a larger fraction of the rim. We can 
then state the proposition: £ increases with the excess of E over 
the minimum activation energy required for decomposition. For 
small enough excess of E over the minimum required, this propor¬ 
tionality will of course be linear. Rice and Ramsperger (11a) and 
Kassel (lib) were led to this assumption to explain observed 
unimolecular reaction rates. 

The rate of decomposition of activated N 2 0 molecules, approxi¬ 
mately 1/lOOOth the usual rate, differs more from Polanyi and 
Wigner’s theoretical result than is to be expected from mechanical 
considerations, so that one naturally looks for a non-mechanical 
reason. Wigner (12) has pointed out that when the sum of the 
electron spins of the resultant molecules in a reaction cannot be 
added up algebraically to equal a possible algebraic sum of the 
spins of the initial molecules, the chance of reaction is small 
(roughly l/1000th the normal rate) even for molecules which have 
the necessary activation energy. Normal N 2 0 is in a singlet state, 
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i.e., has no resultant spin. It is diamagnetic. The resultant N 2 
is certainly in a singlet state, whereas the O atom is certainly in a 
triplet state, giving a total spin of one unit for the products. 
Thus the initial and final total spins are different, and we expect an 
unusually slow reaction. This slowness of reactions because of 
changes in the total multiplicity applies also to the following 
cases if reactants and products are in the normal state: CO + O = 
C0 2 ; Hj + O = HjO; H 2 -f 0 2 = H 2 0 2 . This is the reason why 
Ot with its unpaired electrons does not behave more often like a 
free radical. 

The perturbation theory as ordinarily formulated (16) neglects 
the possibility of a change in multiplicity. When magnetic 
forces are considered this probability is found to be small, but not 
zero. The analogous forbidden transitions in spectra give us a 
way of estimating this probability of change in multiplicity (13). 

It is helpful in discussing potential energy surfaces to use a 
terminology adopted earlier (8). We shall call 0 activation 
energy that energy which one calculates from equation 2 if it be 
assumed that all the binding energy is interchange (A = B = C = 
0) and also that the bond, A + a, between the outer atoms of the 
three on a line is zero. The /3 activation energy for reaction 3 is 
14.4 kg-cal. The agreement of /3 activation energy with the acti¬ 
vation energy calculated from the unmodified equation 2 is 
accidental. The increase in the /3 activation energy when a is not 
neglected is called the a activation energy. The a activation 
energy is sometimes small but is always positive. The coulombic 
activation energy is the difference between the sum of a and 0 
activation energy and that calculated from equation 2. It is due 
to the coulombic forces and is always negative. In calculating 
activation energy we figure not from the lowest part of the surface 
but from a half quantum higher. Thus we assume the activation 
energy is lessened by the half quantum. This is, in general, not 
quite true, since the half quanta of the activated state are generally 
not quite negligible. 

If one calculates the & activation energy for reaction 3 and 
constructs the surface it is found that an H s complex has a lower 
energy by 10 kg-cal. than H 2 + H and that an activation of 24 
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kg-cal. would be required for the decomposition of the H s , making 
it a stable compound at room temperature. This is of course not 
true, and it shows that equation 2 must be used to get reasonable 
results. London, in the example he gave, considered only 0 
activation energy. 

Three similar halogen atoms actually do have a small a activa¬ 
tion energy for reactions of the type X 2 + X = X -I- X 2 . If the 
coulombic binding is as much as 10 per cent of the total, as it is in 
H 2 , then complexes of the type F 3 , CI 3 , Br s and L are more stable 
at room temperature than the diatomic molecule and an atom. 
Rollefson and Eyring (14) have pointed out the significance of 
such complexes in photochemical reactions. The assumption that 
a reaction will be excessively slow because it involves three mole¬ 
cules is certainly open to question, in view of the stickiness of 
many collisions. 

It is interesting to consider an extension of Eyring and Polanyi’s 
treatment of the reaction 


H W + H " H’equil. + H (3 > 

They found that if the three atoms collided on a line the activation 
energy was 13 kg-cal.; for collisions not on a line the activation 
energy is of course higher. Now the fraction of collisions exactly 
on a line is negligible, so that one must really include with the 
appropriate probability factor collisions in which the approaching 
atom makes an angle with the molecular axis. 'By doing this one 
can obtain not only the activation energy but the absolute rate of 
reaction 3. 

Pelzer and Wigner (15) by doing this have found a reaction rate 
based entirely on theory in excellent agreement with Farkas’ 
measurements. They also consider the probability of electron 
transitions being involved in this reaction and conclude that the 
reaction must proceed by the adiabatic process previously assumed. 
Thus any modifications in treating this reaction must be in the 
technique of calculating the activation energy, and not in the 
conception that it is an adiabatic process. 
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ACTIVATION ENERGY FOR REACTIONS IN WHICH FOUR 
ELECTRONS CHANGE PARTNERS 

The equation for the potential energy for any configuration of 
four monovalent atoms is 

Ei - A, + A, + J3, + B, + C, + C, + [l/2((a, + a, - ft - ft)* + 

(“i + at — yi — yi) 1 + (ft + ft - y x — 7j)‘)]' (4) 

The significance of these quantities is apparent from a considera¬ 
tion of figure 4, where the binding which would exist between 



Fig. 4. Four Atoms and the Potential Energies Which Determine the 

Total Potential 


atom pairs in the absence of other atoms is written along the con¬ 
necting lines and is a function of this distance only if the electrons 
are in S states. For directed valences the eigenfunctions will 
point in a direction to make E t as large numerically as possible. 
It was stated in an earlier paper that equations 2 and 4 could be 
obtained by using Slater’s method for complex atoms. Zener, 
Gibson and the author did not publish these results, but the 
reader may be referred to the recent comprehensive treatment of 
molecular problems by Slater (16), which includes these two cases 
along with many other interesting results important to chemists. 
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The activation energy for six reactions of the type 

wx + YZ - xy + wz (5) 

have been calculated (17) and compared with the activation 
energy for the same net reaction where the intermediate reactions 
involved atoms. It is found, in agreement with experiment, that 
reactions of halogens with hydrogen will proceed by way of the 
atoms, except in the case of I 2 which will involve molecules only. 
It is also shown that the homogeneous change of para-hydrogen 
to the equilibrium mixture will definitely go by way of the atoms 
as Farkas showed. 

STERIC HINDRANCE AND KINETIC THEORY DIAMETERS 

Some of the reactions which invove the breaking of two bonds 
and the formation of two new ones (essentially a reaction involv¬ 
ing but four electrons) involve forcing other atoms to approach 
each other to distances at which there is repulsion. This is steric 
hindrance, and the increase in the activation energy is readily 
calculated by using the following consequence of Slater’s method 
for molecules. The added repulsive potential is the sum of one- 
half of the interchange energy between all possible pairs of elec¬ 
trons, one from each of the molecules (other than the four in¬ 
volved in the reaction proper). The interchange energy, as 
before, is estimated from the appropriate Morse curves. The 
accompanying coulombic potentials always act to lessen the repul¬ 
sion. These two quantities added to equation 4 enable one to 
calculate the activation energy for a reaction involving steric 
hindrance. Where there are permanent dipoles, the potential 
arising from this source must also be included. The mutual 
polarization of molecules, or van der Waals’ forces, gives rise to a 
further small attractive potential varying inversely as the 6th 
power of the distance. London (18) and Slater and Kirkwood 
(19) have each given relationships for calculating this quantity, 
so that it is now possible to calculate the activation energy in the 
first approximation for reactions involving three and four elec¬ 
trons, taking account of the steric hindrance due to atoms not 
themselves involved in the reaction. Such a calculation involves 
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a detailed knowledge of the position of the atoms in the molecule 
supplied in many cases by x-ray data. Steric effects due to per¬ 
manent dipoles must be considered in addition. 

Ordinary collisions are of course simply a special case of steric 
hindrance, and one for which the distance of approach should be 
calculable by just the methods outlined above. In fact, Slater 
and Kirkwood (19) have calculated the constants of van der 
Waals’ equation for helium with excellent agreement with experi¬ 
ment. Kirkwood and Keyes (20) have investigated other physi- 



Fio. 5. Potential Curves Between Two Colliding Molecules 

cal properties, also with satisfactory agreement with experiment. 
The collision process of two H s molecules has likewise been calcu¬ 
lated theoretically (21). The agreement with experiment is good. 
Figure 5 shows schematically the potential energy between two 
molecules at a distance approximately that of their kinetic theory 
diameters. 

The potential energy depends, of course, not only on the dis¬ 
tance between the center of gravity of the two molecules, but on the 
relative orientation of their axes. Two colliding H* molecules at 
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these large distances behave almost like two spheres. Curve I 
for H 2 was calculated using equation 4. If equation 4 is expanded 
by the binomial theorem for configurations where <*i, a t , A h 
and A t are large and the other quantities small we get 

Et “ Q + <*i + aj — [1/2 (/Si + 0t + Yi + 7s) 1 (6) 

We have already stated the manner in which equation 6 is to be 
modified for more complicated molecules colliding. During an 
ordinary collision «i + « 2 stays practically constant as do the 
attractive potentials A x and At in Q. The other terms increase 
exponentially with the distance as the two molecules approach, 
giving us a net repulsion indicated by curve I in figure 5. The 
individual terms are evaluated from potential energy curves for 
atom pairs. Thus, no matter how complicated the colliding mole¬ 
cules, to construct curve I one needs only to know the relative 
position of atoms in the separate molecules and the potential 
energy curve for pairs of atoms, one from each molecule. The 
potential energy will ordinarily depend on the relative orientations 
of the molecules as well as the distances between centers of 
gravity. The repulsive potential between molecules (without 
permanent dipoles) arises entirely from interchange forces which 
would give attraction if the electron spins were antiparallel. The 
van der Waals’ forces indicated by curve III are calculable using 
the relationships suggested by London (18) or by Slater and Kirk¬ 
wood (19). The sum of the two curves gives us II, which repre¬ 
sents the actual potential energy between two molecules plotted 
against the distance between them (for a definite relative orienta¬ 
tion). It is interesting to consider how much information is given 
by such a curve. We shall leave out of account for the moment 
the difference in the energies with which pairs of molecules collide 
at the same temperature. Two molecules then approach with an 
energy RT so that the abscissa at A is the kinetic theory diameter. 
The decrease of the diameter with temperature depends on the 
slope at A and can be compared with the Sutherland constant. 
The abscissa at B is the diameter of the molecules in the liquid 
state at zero degrees. The ordinate at B is the heat of sublima- 
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tion at zero degrees. As the temperature rises, molecules of the 
liquid vibrate about the minimum. This reduces the heat of sub¬ 
limation and also causes an expansion of the liquid. The expan¬ 
sion arises from the unsymmetrical nature of the curve, since the 
vibrating molecules spend more time traversing the less steep 
portions of the curve. Thus the coefficient of expansion meas¬ 
ures the dissymmetry of curve II. The slope of II to the left of 
B determines the compressibility. The curvature at the mini¬ 
mum determines the frequency of vibration which enters into the 
specific heat of the liquid. Thus we see that we have these 
additional experimental checks on the accuracy of our calculation 
of the valence forces which determine activation energy. 

An obvious way to calculate the repulsive potential at kinetic 
theory distances is to consider that some definite fraction of the 
Morse potential curve gives the interchange binding. It is too 
much to expect that such a procedure would lead to accurate 
results, although the results are generally not greatly in error. 
The Morse potential energy for H 2 does not fall off as rapidly with 
distance between the H atoms as the theoretical curve. A con¬ 
sideration of the way in which the potential energy of other 
diatomic molecules, calculated from Slater’s eigenfunctions, falls 
off with distance indicates that this may be a fairly general 
difficulty of Morse curves. This defect leads to activation 
energies and kinetic theory diameters a little bit too large. The 
whole question should be more carefully considered. 

THE RATIO OF INTERCHANGE TO COULOMBIC BINDING 

In previous calculations of activation energy the interchange 
binding has been taken as 10 per cent of the total binding, the 
value calculated for H 2 . Rosen (22) has recently calculated the 
potential energy binding for Na 2 using Slater eigenfunctions. 
He finds very good agreement with experiment for the heat of dis¬ 
sociation, distance between atoms and the vibration frequency of 
the lowest state. His value for the ratio of coulombic to total 
binding in the neighborhood of the minimum is 28.3 per cent. 
Bartlet and Furry (23) have carried out a similar calculation 
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for Li 2 , which is likewise in excellent agreement with experi¬ 
ment. Their value for the ratio of coulombic to total bind¬ 
ing is 22 per cent. This percentage is constant to within 1 per 
cent from the minimum out to distances for which the binding 
energy has dropped to one-fifth of its greatest value. This is 
additional evidence for the assumption that the ratio of coulombic 
to interchange binding is approximately independent of the dis¬ 
tance between atoms in the region important for calculating 
activation energies. However, it also shows that this ratio 
depends very much on the molecule. We need, therefore, some 
criterion for estimating when the coulombic fractions will be 
large. 

Molecules (independent of the valences of the component 
atoms) which solidify to give molecular crystals do so because the 
interchange potentials preponderate largely over the coulombic 
ones. On the other hand the formation of atomic crystals from 
atoms having a valence of two or less indicates that interchange 
binding, associated with antiparallel spins, is of secondary impor¬ 
tance to the coulombic binding. This becomes clear when it is 
realized that two antiparallel electrons repel all others, bo that only 
when the pair is relatively isolated will the total interchange bind¬ 
ing help to stabilize the crystal. Since the alkalis form atomic 
crystals, we expect them to have the coulombic part of the bond 
relatively large. On the other hand, hydrogen and the halogens 
form molecular crystals and so have a relatively smaller fraction of 
coulombic binding. This is the same conclusion to which one is 
led by considering the activation energies. Of course the way 
molecules crystallize is a good indication of how they will behave 
upon colliding in the gas phase. In particular it indicates how 
much energy is required to make them forget who their former 
partner was. In a recent paper Cremer and Polanyi (24) con¬ 
sider certain properties of crystals, including their vibration fre¬ 
quencies, in relation to the interchange binding. 

With directed valence the relations for calculating the activa¬ 
tion energy are the same as for « electrons except that the indi¬ 
vidual values for bonds depend on the angle 6 between the line 
joining the atoms and the axes of the eigenfunctions. The 
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bond, D, between a p and s electron depends on the angle, 0, 
between the atoms in the following way 

D «■ A cos* 9 + kA sin* 9. 

Slater (16) estimated k for the OH bond to be roughly .2. k may 
be experimentally determined from the transverse vibration fre¬ 
quency associated with directed valences. 

SUMMARY 

It is perhaps well to summarize the general point of view. 
Most of the problems of compound formation (valence) and 
activation energy may be solved by constructing a potential 
energy surface the low places of which correspond to compounds 
stable at ordinary temperatures, provided the barrier separating 
one minimum from a still lower one is greater than about 20 kg- 
cal. The height of the barrier is of course the activation energy. 
It is then only a problem in mechanics to find how a ball will roll 
on this surface. The essence of the theory of adiabatic reaction 
is that the specification of the relative position of the atoms 
suffices to determine the energy, the idea being that the electrons 
because of their more rapid motion adjust to the configuration of 
lowest energy. The fact that light is sometimes emitted shows 
that this is not always true. A system containing excited atoms 
is to be thought of as being on a higher potential energy surface. 
The transition from the higher to the lower surface appears as 
kinetic energy in some direction which may suffice to carry the 
ball (representing the system) over a potential barrier. This con¬ 
stitutes a chemical reaction. 

Such a visualization of compounds and reactions would not 
be particularly helpful if we were unable to construct the potential 
energy surfaces at least with some approximation. The relative 
heights of the potential minima are the material which thermo¬ 
dynamics gives us in the form of heats of reaction. The position of 
these minima in terms of the distances between atoms we get from 
x-ray data and from the illuminating discussions on directed 
valence by Pauling (25) and by Slater (26). From the spectro¬ 
scopic data for diatomic molecules we learn the binding energy 
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between atom pairs as a function of distance, and finally from 
perturbation theory we may calculate the energy of complex con¬ 
figurations in terms of the energy between atom pairs, thus enab¬ 
ling us to explore the barriers between minima in our potential 
surface. 

Such a method, which seems general in its applicability, has cer¬ 
tain limitations. First, we are using first order perturbation 
theory, which applied to the H 2 molecule gave a binding energy 
only three-fourths of the experimental one. However, it has 
recently been applied to Na 2 and Li 2 with results within a few 
per cent of the experimental value. Also, the results found for H 3 
and other cases seem to be surprisingly near the experimental 
values. Second, besides knowing the potential curve for a dia¬ 
tomic molecule we must know what fraction of it is coulombic. 
T his is known only in three cases by direct calculation. There are 
many ways of estimating this quantity so that this cannot be con¬ 
sidered a great difficulty. Third, the labor of applying a pertur¬ 
bation method is sometimes great. When only three or four 
electrons change partners in a reaction, the binding energy for any 
configuration of the atoms is readily found by methods already 
described. Steric hindrance, consequent upon non-reacting 
electrons being forced to approach each other, is also calculable 
without serious difficulty. When five or six electrons change 
partners during the reaction, the energy of each configuration can 
be found by solving a fifth degree equation, Kimball and the 
author have done this for certain interesting cases. The calcula¬ 
tion, is not difficult but tedious. If a reaction involves seven or 
eight electrons changing partners simultaneously, an equation of 
the fourteenth degree for each configuration must be solved. 
Although it is entirely possible to find the roots of such an equa¬ 
tion, it is certainly not practical. Fourth, activation energies 
arising from other sources than spin valence, as for example, l- 
valences or the inability of charged ions to approach each other 
must be considered separately. Fifth, Morse curves must be 
regarded as a temporary expedient to be supplanted by better 
potential energy curves for atom pairs as they become available. 
In spite of these limitations we may anticipate that a much more 
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accurate understanding of chemical reaction will follow from the 
application of perturbation theory and that it will point the way 
to something better. The conception of spin valence bonds going 
gradually (adiabatically) into new spin bonds without the system 
ever having sufficient; energy to break the bonds outright seems 
established for certain cases already considered. 

The author wishes particularly to thank Professor J. C. Slater 
for many helpful discussions. 
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It is now generally conceded that, in the case of homogeneous 
unimolecular reactions taking place in the gas phase, activation 
is the result of an exchange of energy at collisions. It is impor¬ 
tant in our study of these reactions to find out what we can about 
the mechanism of this exchange. The aim of the present paper 
will be to give an account of two methods of attack by which 
some information on this subject may be obtained. First, we 
shall show what may be found out by an analysis of the reaction 
velocity experiments themselves, particularly those in which a 
large excess of inert gas is present. Second, we shall indicate 
what may be done in the way of theoretical calculations on the 
dynamics of the processes involved, taking into account the 
intermolecular forces, the vibration frequencies, and the other 
mechanical properties of the molecules which collide. 

ANALYSIS OF REACTION RATE EXPERIMENTS 

In most unimolecular gas reactions the reaction consists of a 
decomposition, in which, naturally, only one molecule is pri¬ 
marily involved. Such reactions, in so far as they have been 
tested, show a characteristic behavior, in that the unimolecular 
constant, although roughly independent of pressure at higher 
pressures, decreases at lower pressures as the pressure of the 
reacting gas decreases. This decrease occurs because activation 
is by collision, and first becomes marked at pressures where the 
time it takes an average activated molecule to react is of the same 
order of magnitude as the time before a collision which will deacti¬ 
vate it may be expected (1). 

We may formulate these considerations in a somewhat over- 
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simplified way, but one good enough for our present purposes, as 
follows. We suppose the pressure of reacting gas (which is sup¬ 
posed to be pure, i.e., we consider the situation at the beginning of 
the reaction) to be p and the fraction of all the molecules which 
are activated to be W. Then the total number of molecules deacti¬ 
vated per unit time will be given by aWp 2 , where a is a constant. 
The expression is proportional to the number of collisions made 
by activated molecules per unit time. If very few of the activated 
molecules react, then this is the rate of activation also. Let the 
number of molecules which react per unit time be Kp. Now 
when aWp 2 equals Kp, that is, when 

P - K/aW (l) 

we see that for pressures thi3 low the number of activations per 
unit time is getting to be of the same order of magnitude per 
unit time as the number of decompositions taking place. At 
such pressures the rate of activation will not be sufficient to keep 
the number of activated molecules up to its equilibrium amount, 
and equation 1 accordingly gives roughly the pressure at which 
the rate constant begins to fall off. 

If we can calculate a and W it is then possible to predict the 
pressure at which the falling off in the rate constant should begin. 
If we assume that deactivation takes place at every collision of an 
activated molecule with another molecule we can calculate a. 
And if we assume that an activated molecule is simply one which 
has an energy greater than a certain amount—neglecting, which 
is all right for this purpose, the fact that the chance of reaction of 
an activated molecule probably depends strongly on the energy 
it has in excess of its energy of activation—then for a molecule 
with any given number of atoms we could calculate W by the aid 
of statistical mechanics, provided the oscillating particles in the 
atom behaved classically. Taking into account the fact that they 
are quantized, and in spite of the fact that we do not know all the 
frequencies exactly, we can still estimate W. In general the 
more complex the molecule, i.e., the greater the number of atoms 
it contains, the greater will be W, and, hence, the smaller the 
critical value of p calculated by equation 1. 
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If now we make the calculation outlined in the above para¬ 
graph, and compare the value of p so calculated with the value 
observed, we find a number of cases in which there is good agree¬ 
ment. They are azomethane (2), methylisopropyldiimide (3), 
nitrous oxide (4), and, probably, nitrogen pentoxide (5). This 
might be taken as evidence in favor of the assumptions we have 
made. On the other hand, however, there is a whole series of 
substances—propionaldehyde (6),.several ethers (7), propylamine 
(8), and dimethyltriazene (9)—which fall off at much too high a 
pressure. In these cases we must conclude that either there is 
an impedance to transfer of energy among the various degrees of 
freedom inside the molecule, so that it acts as though it were a 
smaller molecule than it really is, with correspondingly small 
value of W, or else it is not true that deactivation takes place at 
every collision of an activated molecule (10). 

To get further evidence, which may help to decide between 
these alternatives, we turn to the experiments in which hydrogen, 
an inert gas, is added to the reacting gas, in particular in the cases 
of propionaldehyde and four ethers of varying complexity (11). 
If hydrogen is added to these gases at low pressures, it has about 
the same effect in increasing the rate constant toward its high 
pressure value as the same additional pressure of the reacting gas 
itself would have. Thus hydrogen has about the same effect as 
an activator or deactivator as the organic molecules. This is 
true in five cases, in which the pressure at which the falling off in 
rate actually occurs (with no added hydrogen) varies between 
150 and 25,000 times that expected. If this variation is due to a 
variation of the efficiency of activation and deactivation of the 
reacting molecule by itself, it must be paralleled in a remarkable 
manner by the efficiency of activation and deactivation by hydro¬ 
gen. We therefore conclude that this efficiency is the same in all 
these cases, and are inclined to refer the premature falling off in 
rate to an impedance of energy transfer inside the molecule, 
making it act like a smaller molecule, rather than to any poor 
transfer of energy at collision (12). Of course, such a conclusion 
must be accepted only tentatively on the basis of the evidence 
available. Indeed, at least one case is known—that of propy- 



128 


OSCAB KNEFLER RICE 


lamine (8)—in which hydrogen actually retards the reaction rate. 
But we also know that this reaction is attended with complica¬ 
tions (subsequent reactions, which may be present in other cases 
also, but which in this case seem to be affected by hydrogen.) 

In general it is found that gases other than hydrogen (and the 
products of the reaction, which always seem to keep up the rate) 
do not have much effect on the reaction rate, at least in the case of 
the ethers and propionaldehyde. In the case of azomethane, 
ethane has a considerable, and nitrogen a much smaller effect in 
raising the rate at low pressures (13). In the case of propylamine, 
nitrogen and helium have an effect similar to that of hydrogen. 

In the next section an attempt will be made to indicate what is 
to be expected theoretically for the effects of inert gases. 

THEORETICAL CONSIDERATIONS 

The theory of the interchange of vibrational and translational 
energy has been developed on the basis of quantum mechanics by 
Zener (14), but it has not been applied to the case at hand. We 
shall give an outline of the essential features of the theory and give 
the results of its application, confining ourselves to the case of 
inert gases, as this is much simpler than finding the action of large 
organic molecules on each other. 

Even the case of an organic molecule and an inert gas is much 
too complicated for a general treatment. We shall, therefore, 
greatly idealize it. If we are interested in the case of exchange of 
the translational energy of the inert molecule and the vibrational 
energy of a hydrogen atom attached to a carbon atom, we may 
simplify the situation, considering the collision of a free atom and 
an oscillator fixed in space. We may further simplify the problem 
by assuming the atom to be moving in the line along which the 
oscillator vibrates. 

We shall consider the vibrator to have the frequency of the 
transverse vibrations (due to the bending of the valence bond) of 
the hydrogen in the organic molecule, since this frequency is lower 
than the frequency associated with the longitudinal vibrations, 
and will on this account be able to transfer energy more readily. 

Now the frequency associated with the transverse vibrations of 
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the hydrogen (15) is about 1400 wave numbers (em.~‘)> which 
corresponds to an energy of about 4000 cal. per mole. 1 An acti¬ 
vated molecule contains about 50,000 or 60,000 cal. per mole. 
This may be distributed among varying numbers of degrees of 
freedom in the molecule. If it really acts like a much smaller 
molecule and this energy must all be distributed among a small 
number of oscillators which do not communicate energy to any 
great extent with the rest of the molecule, then some of these 
oscillators may be rather highly excited. If, on the other hand, 
the energy is distributed over a large number of oscillators, one 
would rarely expect to find an oscillator in any higher state than 
its first excited vibrational level. Be that as it may, we shall 
assume, just to get an idea of orders of magnitude involved, that 
we have simply a collision between a particle with the normal 
kinetic energy for one direction (1/2 kT ) and an oscillator in the 
first excited state, and find the probability that after the collision 
the oscillator is in the lowest state and the particle has taken off the 
energy as translational energy. The loss of one quantum of 
vibrational energy, 4000 cal., should be, in the opinion of the 
author, sufficient to bring an average activated molecule down into 
the energy region where the Maxwell-Boltzmann quota holds 
under the conditions in the reacting mixture—that is, to effec¬ 
tively deactivate it (16). If the 4000 cal. is an overestimate of the 
energy of the vibrator in the molecule, the results will nevertheless 
not be without significance (though the calculations would have, 
of course, to be modified), since the removal of a lesser amount of 
energy might have an appreciable effect tending toward the 
deactivation of the molecule. 

The force constant for the transverse vibration of the hydrogen 
we shall take as 1.2 x 10 s dynes per centimeter, instead of 0.6 X 
10 6 as Andrews does in his discussion on the structure of organic 
molecules (15). This is obtained from the frequency by taking 
the effective weight of the vibrating particle as 1, in atomic weight 
units, instead of as is done by Andrews. This is because we 
ass um e that only one atom is involved in this vibration, while 

1 We assume the oscillator to be itself quantized, although its vibrations are 
really but part of a normal vibration of the molecule as a whole. 
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Andrews assumed that two are involved; this makes the reduced 
mass half as large. The author feels that the present assumption 
is fully as reasonable, but the point is not of great importance. 

The other factor which enters into the problem, and in fact 
plays a most important r61e, is the character of the force between 
the atom in the large molecule and the colliding particle. This 
may be expressed approximately as an exponential function, con¬ 
stant X exp. (— ar ), where a is a constant which determines the 
sharpness of the collision, and r is the distance between the vibrat¬ 
ing atom and the particle (14). From the discussion of Lennard- 
Jones (17) on intermolecular forces, we may estimate a for the 
collision of two hydrogen molecules to be about 6 X 10 s cm. -1 , 
and we may take it to be the same for the case at hand. How¬ 
ever, it is of course true that the colliding particle will not always 
strike the hydrogen atom just in the direction of its transverse 
vibrations. Often the blow will be a somewhat glancing one, or 
will come from an angle, giving a smaller or greater effective 
value of a. The forces which we thus consider are the ordinary 
forces of repulsion between atoms, and extend to distances com¬ 
parable with kinetic theory radii. 

The calculation is made in the following way. We first treat 
the system as though it were composed of the two separate parts— 
the oscillator, and the free particle which is supposed to be acted 
upon by a force which is that force to be expected if the oscillator 
were in a sort of average position, defined .by its wave function. 
The motion of the oscillator is then taken into account as a quan¬ 
tum mechanical perturbation. This gives rise to transitions in 
which the system goes from a state in which the oscillator has a 
certain amount of energy to another state in which it has given 
this energy to the free particle, and the calculations of the transi¬ 
tion probabilities can be made, following Zener, in the standard 
manner. Some details have been done more exactly than in his 
calculations, but essentially there is no great difference. The 
approximations are rough in any case, and only the order of 
magnitude of the results is significant. 

The results of the calculations which have been made are 
presented in table 1. The details will appear later elsewhere. 
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Calculations have been made, not only with the fundamental 
constants involved to which approximately those values men¬ 
tioned above have been given, but also with those constants to 
which other values have been given. This will enable the reader 
to tell how the results vary when these constants are varied. It 
is also of importance in connection with the effects of the different 
kinds of gases. It will be seen, in general, that hydrogen may be 
expected to have a much greater effect than other gases of greater 


TABLE 1 

Transition probabilities 


fco X 10-* 

V 

Af 

Wx 

a X 10-8 

7 

dynes per 

cm "* 


calories per 

cm ~ l 


centimeter 



mole 



1 2 

1400 

2 

800 

9 12 

.02 

1 2 

1400 

2 

800 

7 06 

.012 

1 2 

1400 

2 

800 

5 76 

.006 

1 2 

1400 

2 

800 

4 08 

00085 

1 2 

1400 

2 

1600 

7.06 

02 

1 2 

1400 

2 

1600 i 

5 76 

012 

1 2 

1400 

1 

800 

7.06 

035 

1 2 

1400 

1 

800 

5 76 

02 

1 2 

1400 

1 

1600 

5 76 

045 

1 2 

1400 

4 

800 

7 06 

.0016 

1 2 

1400 

4 

800 

5 76 

I .0005 

0 48 

560 

20 

800 

5 76 

.000015 


ko is the force constant of the oscillator in dynes per centimeter. 

v is the frequency of the oscillator in cm.~ l 

At is the atomic or molecular weight of the colliding particle. 

W\ is the initial energy of the colliding particle in calories per mole. 
a is in cm .' 1 

7 is the probability of energy exchange taking place. 

mass, even allowing, in the case of helium, for the possibility that 
a may have a greater value, i.e., the collision may be sharper.) 
These results are in general agreement with the experiments, 
although in the case of azomethane nitrogen appears to have 
much more effect than we would expect from the results of the 
calculation. 

On the whole, the probability of transition is seen to come out to 
be rather low—though by no means inappreciable—even for the 
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most favorable cases. Considering the parallel between the effec¬ 
tiveness of hydrogen as an activator and deactivator and the 
effectiveness of the organic molecules mentioned above, it may 
be—though the present calculations hardly can be said to be final— 
that our estimate of the efficiency of deactivation by collision will 
have to be revised downward. It should, of course, be noted that 
the exact relation between the effectiveness of hydrogen and 
organic molecules is complicated by certain factors which have 
not been mentioned. Thus hydrogen is about as effective pressure 
for pressure, as the other gases. But it makes more collisions, 
presumably, for hydrogen molecules move faster. On the other 
hand, it may have to strike the organic molecule in a certain place 
or a certain way. This prevents us from being too definite in our 
comparison. In any event, our conclusion that the efficiency of 
activation is about the same for a large number of organic mole¬ 
cules remains unaltered. 

We have, of course, neglected any interchange of energy be¬ 
tween two vibrators, or between a vibrator and a rotator, both of 
which processes, but—in the case of inert gases of simpler struc¬ 
ture—especially the latter, may be of importance. The author has 
attempted to get some idea of the effect of exchange of rotational 
energy of hydrogen and the vibrational energy of the oscillator 
by trying the case where the mass of the colliding particle is 
assumed to be one atomic weight unit, as it seems likely that the 
case where rotational energy is involved will be very similar to the 
case where translational energy is involved, except that the effec¬ 
tive mass will tend to approach the reduced mass of the rotator 
which is, in the case of hydrogen, one-half of an atomic weight 
unit. 


SUMMARY 

Summarizing, we may say that the analysis of reaction rate 
experiments with pure gases and in the presence of inert gases 
indicates that the efficiency of activation by collision with other 
molecules of its own kind is the same for a series of gases, and that 
hydrogen has the same efficiency as an activator as the reacting 
gas itself. Other inert gases, except, in general, the products of 
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the reaction, are less efficient in producing activation. Quan¬ 
tum mechanical calculations, dealing with the transfer of vibra¬ 
tional and translational energy only, indicate that hydrogen 
should be more effective than other inert gases of simple structure. 
In general, the trends of the experimental results, but not all 
details, are reproduced. The quantum mechanical considerations 
indicate that one collision of an activated molecule with hydrogen 
in something of the order of forty will produce deactivation. 

Note added January 11 > 1932: Later calculations indicate that 
the probability that a colliding hydrogen particle will transfer 
energy with a vibrator whose characteristics are like those of the 
carbon-carbon vibrators inside the molecule is greater than the 
probabilities given here; of course, less energy is transferred at 
each collision. The difference between hydrogen and helium is in 
the same direction, but is less. These results will be discussed 
elsewhere. 
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The study of organic reactions from the physicochemical stand¬ 
point has been carried out intensively only during the past few 
years. The work done prior to this time resulted in the accu¬ 
mulation of a great many data concerning the products obtained 
in the pyrogenic decomposition of organic compounds, so that we 
now have a detailed knowledge of the products of organic decom¬ 
positions (1), although the fundamental laws governing these 
processes are very incompletely know n and the mechanisms of the 
reactions are still quite uncertain. A number of empirical rules 
have been evolved as a result of experience, and these, although 
of limited applicability, are useful in codifying our knowledge, 
and in many cases enable us to predict the method of decomposi¬ 
tion. More general attempts, such as Peytral’s rule (2) of least 
molecular deformation, which states that when a compound de¬ 
composes the products are those which have bonds most nearly 
identical with the original substance, are not satisfactory. 

Perhaps the most fundamental information that we require in 
studying the decomposition of organic molecules, is the strength 
of the different carbon-carbon and carbon-hydrogen bonds. The 
earlier work of Fajans (3) and others appeared to show that the 
carbon-hydrogen bond has a strength of approximately 93,000 
cal. and the carbon-carbon bond a strength of approximately 
65,000 cal. These figures were obtained substantially by assum¬ 
ing that the energy required to remove one hydrogen atom from a 
methane molecule is one-quarter of that required to remove all 
four hydrogen atoms. This assumption, together with some 
uncertainty as to the heat of vaporization of carbon (4), makes 
these figures very problematical. Recent calculations, based 
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partly on spectral data (5) and partly on thermochemical data, 
seem to show that the strengths of the carbon-carbon and carbon- 
hydrogen bonds are much greater than those obtained by Fajans, 
and indeed Mecke mentions 110-115 kg-cal. for both values. 
While it is true that results obtained from spectral data are far 
more accurate than those obtained by any other method, the 
interpretation of such data is not always easy. A correction 
must be applied to allow for the energy of excitation of fragments 
formed in the photochemical dissociation and this frequently 
introduces a large element of uncertainty into the calculated 
strengths of the bonds. 

Differentiation has been observed in the spectra of saturated 
hydrocarbons (6) and this may be used as a basis for obtaining 
values for the binding forces and heats of dissociation. The 
results obtained indicate a 3.2 per cent and 2.4 per cent lowering 
in the binding forces of tertiary and secondary hydrogen atoms 
respectively as compared with that of primary hydrogen atoms; 
the relative heats of dissociation of the hydrogen atoms would be 
in about the same proportion. 

It seems clear now that a great number of organic compounds 
decompose homogeneously and according to a unimolecular law 
in the gaseous state. The unimolecular decomposition may 
consist in breaking a bond in the molecule, with the formation of 
two fragments, in which case the heat of activation will give us 
some information regarding the strength of the bond. The 
measured heats of activation for the most stable organic com¬ 
pounds are about 65,000 cal., and if we add to this 10,000-15,000 
cal. to account for the average energy of the molecules at the 
temperature of decomposition, we obtain 80,000 cal. as the 
average total energy of the activated molecules. This is the 
maximum strength permissible for the weakest bond if the mole¬ 
cule is to undergo a primary dissociation into two fragments. 
Of course, the results of recent spectral data, if correct, preclude 
such primary decomposition into free radicals. On the other 
hand, organic chemists have for a long time used the concept of 
free radicals in explaining organic reactions and there is evidence 
accumulating that some reactions, at any rate, occur through a 
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chain mechanism initiated by a free radical. This question of 
the method of the primary decomposition is of course fundamen¬ 
tal and will be discussed in greater detail later in the paper. 

The study of certain simple reactions helps to throw light on 
this question as well as on others relating to the mechanism of 
organic decompositions. Bonhoeffer and Harteck (7) prepared 
atomic hydrogen by means of a discharge tube and examined its 
reaction, when present in large excess, with hydrocarbons at pres¬ 
sures of about 1 mm. Of all the hydrocarbons used, methane 
alone showed itself completely inactive, whereas such substances 
as ethane, pentane, ethylene, acetylene, and benzene all gave 
an immediate reaction accompanied by the emission of a lumi¬ 
nescence similar in color and spectroscopic content to the center 
of a Bunsen flame. Near the point of mixing of the hydrocar¬ 
bons and the atomic hydrogen, a blue band of light appeared 
which gradually changed into green. The spectrum of the blue 
band showed the Swann bands, which are supposed to be char¬ 
acteristic of the C 2 radical. Since the CH and C 2 spectra were 
always emitted we can assume that with all higher hydrocarbons 
some reaction is taking place in which hydrogen atoms are 
stripped from the hydrocarbons and the chain is broken. This 
cannot be a thermal effect since the temperature in the illumi¬ 
nated part of the tube is probably not over 300°C. and is cer¬ 
tainly below 600°C. The authors represent the dehydrogenation 
reaction by the equation: 

CnH* + H -> C„H m -i + H s 

which seems to be followed by all hydrocarbons except methane, 
and therefore suggests a distinct difference in the binding forces 
between carbon and hydrogen in methane and in the higher hy¬ 
drocarbons. In ethane, for instance, there must be at least one 
carbon-hydrogen bond whose strength is less than 100 kg-cal. 

The splitting action of the hydrogen atoms is explained by 
assuming that we can have direct substitution of a hydrogen 
atom for a hydrocarbon residue; for example, ethane might react 
with a hydrogen atom according to the equation, 


CjH t -(- H 


CH, + CH 4 . 
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The authors think that this is the most probable reaction, al¬ 
though they consider the possibility that two hydrogen atoms 
may recombine on collision with a hydrocarbon molecule and 
that their heat of combination could then be used to break the 
chain; however, this second reaction would probably not proceed 
fast enough to account for the observed results. 

In the decomposition of the hydrocarbons, methane was always 
present in very considerable quantities, and was accompanied by 
ethane, ethylene, and acetylene. The atomic hydrogen must 
therefore have a hydrogenating action in addition to its other 
effects. 

v. Hartel and Polanyi (8) have investigated some simple exam¬ 
ples of bimolecular reactions between sodium vapor and organic 
halogen compounds, in which a sodium atom combines with a 
halogen atom and leaves a free radical. In previously published 
papers of Polanyi and coworkers (9) a large number of decompo¬ 
sitions have been reported in which free atoms react at each 
collision with a molecule, provided only the reaction is exother¬ 
mic. If methyl iodide is brought into contact with sodium vapor 
in a highly dilute flame there is an immediate reaction; therefore 
the heat of activation of this reaction must be very small. On 
the other hand, when various organic halogen compounds were 
substituted for methyl iodide, it was found that more than one 
collision was necessary in order to bring about reaction at 300°C. 
A quantitative determination was made of the velocity constants 
in the series CH 3 I, CH 3 Br, CH 3 C1 and CH 3 F at 240°C. It was 
found that whereas sodium and methyl iodide react at every col¬ 
lision, sodium and methyl bromide require on the average 25 
collisions, and sodium and methyl chloride require 5,000 collisions 
for reaction to occur; this gives 0,3200, and 8800 cal., respectively, 
for the heats of activation of these reactions. The reaction of 
sodium and methyl fluoride is slowest, requiring on the average 
more than 10 7 collisions and thus having a heat of activation 
greater than 25,000 calories. 

The reaction mechanism suggested by the authors is repre¬ 
sented by the equation, 


Na + CR„X 


NaX + CH, 
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where X is a halogen atom. The activation energy is discussed 
from the point of view of the London theory (10) of a reaction 
between a free atom and a molecule, according to which the free 
atom does not attack the molecule from the side but rather the 
three members arrange themselves in a straight row and the 
middle halogen atom separates from the methyl group and be¬ 
comes attached to the sodium atom. The experimental results 
can be very satisfactorily interpreted from the standpoint that 
the energy content of the transition stage Na—X—CH 3 deter¬ 
mines the activation energy of the reaction. 

PREPARATION AND REACTIONS OF FREE RADICALS 

The isolation of free methyl groups was first accomplished by 
Paneth and Hofeditz (11) by passing lead tetramethyl in a current 
of hydrogen through a furnace heated to 500° or 600°C. The 
essential part of the apparatus was a quartz tube, into which very 
pure hydrogen containing a trace of lead tetramethyl was ad¬ 
mitted ; the pressure at the inlet end was 2-4 mm. and at the outlet 
end was kept as low as possible by a high capacity mercury- 
vapor pump; thus a stream of hydrogen containing a small quan¬ 
tity of lead tetramethyl passed down the tube at the rate of 10-15 
meters per second. When a small piece of metallic lead was 
placed near the outlet end and heated to form a lead mirror, and 
when the tube was again heated to about 600°C. at a point nearer 
the inlet, the lead mirror was gradually removed, the time 
required depending on the distance of the point of heating from 
the mirror. Their experiments proved conclusively that free 
methyl groups were liberated to combine subsequently with the 
lead mirror to give lead tetramethyl. 

Similar results were obtained using lead tetraethyl (12), indi¬ 
cating that this may be a general method for the preparation of 
free radicals from organometallic compounds. It was further 
shown that the hydrogen may be replaced by nitrogen without 
causing any substantial difference in the results, and that in a 
quartz tube of 5 mm. diameter the methyl radical disappears 
according to a first order reaction, the half-life being approxi¬ 
mately 6 X 10~ 8 sec. The free radicals are exceedingly reactive 
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and combine readily with such metals as lead, antimony, zinc, 
and bismuth and such non-metals as sulfur and iodine. A more 
recent publication by Paneth and Herzfeld (13) discusses these 
reactions in greater detail. In various experiments hydrogen 
was replaced by several other transport gases, such as helium, 
nitrogen, or a mixture of three parts of neon and one part of 
helium; the half-life of the various radicals was not significantly 
changed in these experiments and the radicals seemed to dis¬ 
appear in the same manner whether carried in the inert nitrogen, 
in the completely reactionless noble gases, or in hydrogen. The 
diameter of the tube, however, had a very considerable influence 
on the half-life period: for example, the half-life in a tube of 1.5 
cm. diameter was almost four times that in a tube of 0.5 cm. 
diameter. Some very interesting experiments were carried out 
to investigate this effect of collision with the walls; for example, 
a standard test mirror was formed at a certain distance from the 
furnace, its time of removal giving a measure of the concentration 
of free methyl groups. In another experiment a second mirror, 
varying in width, was formed between the test mirror and the 
furnace; when this second, or guard, mirror was 10 mm. wide it 
prevented all free radicals from passing to the test mirror, but 
when its width was only 5 mm. the test mirror was fairly rapidly 
removed. It is possible to calculate how wide a guard mirror 
must be in order that each methyl group will make just one col¬ 
lision with the mirror; and it was found that a piirror of this width 
stopped the methyl groups almost entirely. This observation 
is sufficient basis for the assumption that each radical reaching 
the metallic surface is bound by its first collision, and that when 
four methyl groups meet on the same lead atom the volatile lead 
tetramethyl is formed. A similar study of the rate of disappear¬ 
ance of the ethyl groups showed that their recombination occurred 
mainly on the walls. 

More recently it has been reported that the preparation of free 
alkyl radicals from organometallic compounds (14) can be sim¬ 
plified by the use of some easily condensable material as the trans¬ 
port gas; for example, water vapor, or a hydrocarbon such as hep¬ 
tane, or acetone may be used and, as these are completely frozen 
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out by a liquid air trap, an ordinary oil pump may replace the 
much more elaborate pumping system required when hydrogen 
is used. Furthermore, organic compounds (in place of the metal¬ 
lic compounds) may be used as the source of free radicals if the 
temperature of the furnace is raised to 900° or 1000°C. Under 
these conditions organic compounds such as hydrocarbons or 
ketones are broken down with the formation of free radicals 
which rapidly remove lead or other metallic mirrors. In such 
cases, however, the free radicals disappear according to a bimo- 
lecular law (14) in contrast with the unimolecular law observed 
in Paneth’s experiments. 

Bates and Spence have studied the oxidation of the free methyl 
groups formed in the photochemical decomposition of gaseous 
methyl iodide (15). When pure methyl iodide vapor is illumi¬ 
nated with ultra-violet light at 0°C. in a quartz vessel, it under¬ 
goes a very slow decrease in pressure with liberation of iodine. 
The quantum yield is very small, being in the neighborhood of 
one molecule decomposed per 100 quanta of light absorbed. 
If, however, oxygen is present, the reaction velocity increases 
over a hundredfold, so that it is evident that the presence of 
oxygen removes the methyl groups formed in the primary de¬ 
composition and largely prevents their recombination with 
iodine. Iodine, paraformaldehyde, methylal, and water are 
practically the only products of the reaction, the overall process 
being represented by the following equation: 

4 CH,I + COi —> (HCHO)„ + (CH,0)jCHj + H 2 0 + 2 h 

The methylal is formed by the rapid condensation of formalde¬ 
hyde and methyl alcohol. 

When methyl iodide is illuminated in the absence of oxygen 
most of the free methyl groups react to re-form methyl iodide 
according to the following equations: 

CHj + I + 3rd body — * CHJ *f 3rd body 
CHs + I* CHjI + I 

Since both the rate of liberation of iodine and the production of 
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permanent gas are very slow, the following reactions must also 
be very slow in comparison with the two foregoing reactions, 

CH» + CHj + 3rd body —> CjH« + 3rd body 
CH, + CH,I -» C 2 H« + I 

When oxygen is present the only subsidiary reaction we need 
consider is the recombination of the methyl groups with iodine, 
since all other reactions will probably be so slow as to be negli¬ 
gible in comparison with the rate of oxidation of the methyl 
groups. The authors suggest the following scheme, 

CH„ + 0 2 -» HCHO + OH 

OH + CHJ -» CHjOH + I 

since this agrees with the kinetics of the reaction and a scheme 
involving peroxide formation does not. They show that the 
reaction between free methyl groups and iodine molecules is 
400 times more fruitful than the reaction between free methyl 
groups and oxygen molecules. 

Taylor and Jones (16) have studied the reaction between free 
ethyl groups and ethylene and have shown that the former in¬ 
duce considerable polymerization at temperatures at which 
ethylene alone does not polymerize. The free ethyl groups were 
produced by decomposing a small quantity of mercury diethyl 
in the gas. They suggest a possible mechanism by which a free 
ethyl radical collides with an ethylene molecule (through a three 
body collision) to form the butyl radical; this process may then 
continue to give the hexyl, and higher radicals. One of these 
higher radicals may lose a hydrogen atom when it collides with 
an ethylene molecule, thus producing an unsaturated hydrocar¬ 
bon and a free ethyl group which can then continue the reaction 
chain. 

It seems, therefore, that the production and reactions of or¬ 
ganic radicals in the gaseous state have only just begun to be 
investigated from the physicochemical standpoint, in spite of the 
fact that such investigations have been quite feasible for a long 
time and certainly give every promise of shedding considerable 
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light on the field. Recently Ziegler (17) has given a review of 
problems and accomplishments in connection with the newer 
concepts of free radicals. 

THE DECOMPOSITION OF PARAFFIN HYDROCARBONS 

When passed through a heated quartz tube, methane produces 
chiefly carbon and hydrogen, accompanied by small amounts of 
olefinic and acetylenic hydrocarbons (18). When the decomposi¬ 
tion is carried out in silica bulbs between 800° and 1200°C., there 
is a strong retardation which may possibly be caused by prefer¬ 
ential adsorption of hydrogen, so that a false equilibrium point 
is reached (19). Further work has indicated that there is a 
primary homogeneous bimolecular reaction, 

2 CH, = C a H, + 3 Hj 

and that the acetylene formed is rapidly decomposed to carbon 
and hydrogen (20). 

The pyrolysis of some of the higher members of the paraffin 
series has been studied in detail (21, 22, 23) more especially the 
kinetics of the thermal dissociation of propane and the butanes 
(24). The experimental results indicate that all these decom¬ 
positions closely approximate unimolecular homogeneous reac¬ 
tions and have a heat of activation of about 65,000 cal. A com¬ 
prehensive review (25) has recently been prepared on the 
decomposition of paraffin hydrocarbons. 

Until comparatively recently the work on the decomposition 
of paraffin hydrocarbons comprised mainly the identification of 
the different products formed as the result of the decomposition 
and a study of the laws governing the rates of decomposition. 
Recently, however, two attempts have been made to describe 
the mechanism of the decomposition of paraffin hydrocarbons 
from the physicochemical standpoint. Burk (26) has shown 
that the existing data may be represented very well by a simple 
equation connecting the velocity of the reaction, its heat of 
activation, and the average life time of the activated molecules, 
an estimate of this last quantity being obtained from infra-red 
measurements of the frequency of the carbon-carbon bond. He 



144 


F. 0. RICE 


concludes that the primary decomposition probably consists of 
the formation of two molecules—a paraffin and an olefin—and 
that this is more likely to be correct than the primary formation 
of two free radicals. He also discusses the possibility that reac¬ 
tion chains may be propagated in the decomposing hydrocarbon 
by radicals, but concludes that such chains cannot play any 
prominent part because the main result of radical cracking should 
be the regeneration of the original paraffin, and furthermore that 
it should lead to synthesis of higher hydrocarbons; such synthesis 
does not seem to occur in the early stages of cracking at low 
pressures. 

On the other hand Rice (27) has offered an explanation for the 
mechanism of the decomposition of paraffins based on the pri¬ 
mary formation of free radicals. For example, a methyl group, 
formed in the primary decomposition, is supposed to take a 
hydrogen atom from one of the surrounding hydrocarbon mole¬ 
cules to form methane; if the hydrocarbon has several carbon 
atoms, the free radical thus formed will be unstable and will break 
down into an olefin and a smaller free radical, which then in turn 
will take a hydrogen atom from the surrounding hydrocarbon; 
in this way the chain is continued. It is possible to draw up a 
very satisfactory representation for the decomposition of paraffin 
hydrocarbons according to these ideas. 

THE DECOMPOSITION AND POLYMERIZATION OF TJNSATURATED 

HYDROCARBONS 

A comprehensive review of the literature covering the pyro¬ 
lysis of olefinic hydrocarbons has recently been published (28). 
Even in the early stages, the decomposition of these hydrocar¬ 
bons is invariably accompanied by a polymerization process, 
which is especially marked at lower temperatures. Pease has 
studied the mechanism in the case of ethylene (29) and has shown 
that a second order polymerization reaction occurs; by increas¬ 
ing the pressure, in the temperature range 350-500°C., ethylene 
can be largely polymerized to mono-olefins, with only a slight 
amount of other decompositions. 

Normally ethylene does not polymerize at all in the tempera- 
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ture range 200-250°C., but in the presence of a small quantity 
of mercury diethyl or lead tetraethyl (30) a considerable amount 
of induced polymerization occurs. This is evidently due to some 
sort of chain mechanism initiated by the free ethyl radical formed 
in the decomposition of the metallic compound; the authors 
discuss possible mechanisms. 

When heated to temperatures above 600°C. in the homoge¬ 
neous gas phase, propylene decomposes (31) unimolecularly to 
give, when only small fractions are decomposed, chiefly ethylene 
and paraffin hydrocarbons, some hydrogen and much smaller 
quantities of acetylene and higher olefins; it is, however, some¬ 
what difficult to propose a satisfactory mechanism, owing to the 
concomitant polymerization process. 

The pyrogenic decomposition of isobutylene has also been 
studied (32) and has given similar results; but in this case the 
tendency to polymerize and yield oils was found to be even more 
marked. For example, when only about 10 per cent of the iso¬ 
butylene was decomposed, over one-half of this amount was 
obtained as an oil containing considerable quantities of aromatic 
hydrocarbons and having a high molecular weight. Among the 
gaseous products methane, propylene, isobutane, and hydrogen 
predominated, accompanied by small quantities of acetylene and 
ethylene; these results hold only for 6mall percentage decompo¬ 
sitions, since when more than 10 per cent of a hydrocarbon is 
decomposed, the results of the primary decomposition will 
undoubtedly be largely masked by the decomposition of some of 
the primary and secondary products. The thermal decomposi¬ 
tion (33) of allene, CH 2 ==C=CH !! , and of methylacetylene, 
CH 8 C=CH, results mainly in polymerization; apparently the 
methylacetylene first changes to allene, which then polymerizes. 
The decompositions of methylallene and ethylacetylene have 
also been investigated (34), and here also polymerizations prac¬ 
tically completely obliterated any other reactions, although 
this did not hold to such a marked degree in the case of ethyl- 
acetylene as for methylacetylene and allene. 

Wheeler and Wood (35) have discussed the mechanism of the 
thermal decomposition of normal olefins and have concluded 
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that the possible primary reactions common to all of them con¬ 
sist in the formation of two or four carbon atom members of the 
olefin series. The complex secondary reactions following such a 
primary decomposition are also discussed. 

Pease (36) has made a study of the polymerization of acety¬ 
lene and has shown that it is a homogeneous bimolecular reaction 
which may be partially suppressed by increasing the surface- 
volume ratio of the containing vessel; it is the only reaction of 
importance between 400° and 600°C. and yields a number of 
complex products, including several aromatic hydrocarbons. 

It seems apparent that in order to obtain accurate information 
concerning the primary decomposition of unsaturated hydro¬ 
carbons, the experiments must be done under conditions such 
that the polymerization reaction can be almost completely sup¬ 
pressed; this is most nearly possible when the decomposition is 
conducted at low pressures in a packed vessel. Furthermore, 
only a small fraction of the original hydrocarbon should be de¬ 
composed, in order to prevent decomposition of the primary 
products as far as possible. At present it is hardly possible to 
say with any certainty what is the nature of the primary reaction 
in the decomposition of unsaturated hydrocarbons. 

THE DECOMPOSITION OF ALDEHYDES, KETONES AND ETHERS 

Acetaldehyde was first reported to decompose according to a 
homogeneous bimolecular reaction (37), but later work (38) has 
shown that the dependence of rate on initial pressure is that of a 
5/3 order reaction. It seems doubtful therefore whether the 
decomposition of acetaldehyde is really a bimolecular reaction 
at all; possibly the decomposition into methane and carbon mon¬ 
oxide consists of a series of steps which only accidentally approxi¬ 
mate a bimolecular law. If the decomposition of acetaldehyde 
into methane and carbon dioxide were really a bimolecular reac¬ 
tion, four bonds would have to be broken and four new ones 
completed during the time of collision; it does not seem probable 
that such a complicated process would occur during the time of a 
single collision. The decompositions of higher aldehydes prob¬ 
ably follow a unimolecular law, since the decomposition of pro- 
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pionaldehyde (39) is a homogeneous unimolecular reaction at 
pressures above 100 mm.; at lower pressures the unimolecular 
velocity constants fall appreciably. 

The decomposition of acetaldehyde is catalyzed by iodine (40) 
and the rate of this reaction is unimolecular with respect to the 
acetaldehyde and proportional to the total concentration of 
iodine. The energy of activation is 32,500 cal., which gives a 
calculated number of collisions between aldehyde and iodine 
molecules only one order smaller than the observed value. 

When benzaldehyde is heated in the range 300-400°C. a 
condensation reaction occurs (41), forming benzyl benzoate; 
however, when the temperature is raised to 700°C., the char¬ 
acteristic decomposition of aldehydes occurs, with carbon monox¬ 
ide and benzene as the main products. The kinetics of the reac¬ 
tion have not been investigated. 

The decomposition of acetone has become a classical example 
(42) of this type of reaction, since it was the first of this class 
which was proved to be homogeneous and unimolecular when 
carefully investigated from the kinetic standpoint. It was first 
thought that acetone in silica vessels decomposed to form carbon 
monoxide and two methyl groups, which then reacted to give 
methane, ethylene and hydrogen, but later work (43) has shown 
that the mechanism really involves the formation of ketene and 
methane, followed by decomposition of the ketene. Thus the 
mechanism for the decomposition of acetone may be represented 
in two ways. According to the first, a hydrogen atom transfers 
from one carbon atom to another and a carbon-carbon bond 
breaks: 


CHsCOCH, —*• CH 4 + CHj=CO 

This mechanism would account for the observed unimolecularity 
of the process, and is not impossible from what we know of molec¬ 
ular transformations at the present time. It is also possible 
to develop a chain mechanism for the reaction, in which the 
acetone decomposes unimolecularly into a free methyl group and 
a free acetyl group. It is probable that the free acetyl group 
would be unstable at the temperature of the experiment and 
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would rapidly decompose into carbon monoxide and another free 
methyl group. The free methyl groups formed might be ex¬ 
pected to undergo a rapid bimolecular reaction with the sur¬ 
rounding acetone molecules to yield methane and the radical 
CH 2 COCH s ; at the temperature of the experiment this radical 
would probably be unstable and break down into ketene and a 
free methyl group. If some such chain mechanism as this occurs, 
providing the chains are not very long, we might still obtain 
an approximately unimolecular reaction. 

Hinshelwood and his coworkers have examined the thermal 
decompositions of a number of ethers (44) and have found that 
they are all homogeneous unimolecular reactions whose rates fall 
off at lower pressures, but that hydrogen seems to have a specific 
action in retarding this decrease; the energy of activation is 
between 60,000 and 65,000 cal. Diisopropyl ether has several 
modes of decomposition: the one most likely to occur appears 
to be a homogeneous reaction which is independent of the pres¬ 
sure down to at least 30 mm. 

The decomposition of ethers is catalyzed by iodine in the same 
manner as is that of acetaldehyde, the rate of decomposition 
being proportional to the concentration of iodine and to the 
concentration of ether. The actual working out of the kinetics 
is somewhat more complicated than with acetaldehyde because 
the first products of the decomposition are very unstable; for 
example, diethyl ether under the influence of, iodine first decom¬ 
poses into ethane and acetaldehyde, and the latter in turn forms 
methane and carbon monoxide. Probably every collision be¬ 
tween ether and iodine in which the kinetic energy exceeds 
34,000 cal. leads to decomposition. Hinshelwood (45) supposes 
that the iodine molecule is more effective than other ether mole¬ 
cules in bringing energy to a part of the molecule where it is 
required. 

THE DECOMPOSITION OF ORGANIC NITROGEN COMPOUNDS 

Compounds belonging to this class have provided a fruitful 
field for kinetic studies of reaction rates and a very considerable 
number of the members of this class have been investigated. 
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Aliphatic amines decompose at conveniently measurable rates 
in the neighborhood of 550°C. The decompositions of ethyla- 
mine (46) and of propylamine (47) are both homogeneous unimolec- 
uiar reactions with an energy of activation of approximately 
44,000 cal. The reaction rate for ethylamine falls off below 50 
mm. pressure, and for propylamine it falls off below 20 mm. 
pressure. 

When diazomethane, CH 2 =N^N, is decomposed it yields 
nitrogen and ethylene. When the decomposition is brought 
about by heating in an atmosphere of carbon monoxide, the 
product is ketene, CH 2 =CO (48); this suggests that a primary 
dissociation into a nitrogen molecule and a methylene radical 
probably occurs. Steacie (49) made a preliminary study of the 
kinetics of the decomposition, but had to abandon the work after 
a number of serious explosions had occurred in handling the sub¬ 
stance. Diazomethane explodes at a pressure above 10 cm. and 
a temperature above 217°C.; this explosion reaction is definitely 
of the chain type, since the explosion limit is lowered by the 
presence of an inert gas. Below 217°C. a slow decomposition 
occurs which the experimental results show to be a homogeneous 
bimolecular reaction with an energy of activation of approxi¬ 
mately 36,000 cal. 

The decomposition of aliphatic azo compounds has been ex¬ 
tensively studied by Ramsperger and his coworkers. Azome¬ 
thane (50) decomposes chiefly into nitrogen and ethane; a kinetic 
study of the reaction shows that it is homogeneous and unimolec- 
ular, with an energy of activation of 52,000 cal. In a similar 
way, azoisopropane, C 3 H 7 N—NC 1 H 7 , decomposes chiefly into 
nitrogen and a hexane (presumably 2 , 3 -dimethylbutane); the 
reaction has an energy of activation of about 41,000 cal. The 
rate constants in both cases begin to fall off in the range of 5-50 
mm., the falling off occurring at higher pressures when the 
temperature is higher. Both of these compounds decompose at a 
measurable rate in the neighborhood of 300°C. The mixed azo 
compound, methylisopropyldiimide was also investigated (51) 
over the temperature range 250-330°C., and was found to be 
homogeneous and unimolecular with a heat of activation of 



150 


F. 0* RICE 


approximately 48,000 cal.; the rate constant falls off at pressures 
below several centimeters. 

More recent work (52) has shown that the rate of decomposition 
of azomethane is maintained at low pressures if ethane is pres¬ 
ent; in fact, ethane is nearly equivalent to azomethane itself 
in maintaining the rate. Nitrogen, on the other hand, does not 
have very much effect, possibly owing to the limited internal 
energy of the nitrogen molecule; its frequencies may also be 
considerably different from those of azomethane, making an 
exchange of energy between the two molecules difficult. Dime- 
thyltriazine, CH 3 N—NNHCHa, has been studied (53) at tempera¬ 
tures in the neighborhood of 200°C. and in the pressure range 
0.02 to 8 cm. The reaction is homogeneous and unimolecular 
but at pressures below 1 cm. the rate begins to fall. The energy 
of activation is approximately 34,000 cal. Methyl azide, CH 3 N 3 , 
was also investigated and was reported to be homogeneous and 
unimolecular, but the measurements are somewhat uncertain 
because the hydrazoic acid formed as one of the products de¬ 
composes. Hydrazoic acid itself decomposes with a measurable 
velocity in the neighborhood of 300°C., but the reaction is cata¬ 
lyzed by the Pyrex walls of the reaction vessel. 

THE DECOMPOSITION OF SOME OTHER ORGANIC COMPOUNDS 

The decomposition of metal alkyls provides an interesting 
study which has already been discussed; from Paneth’s work (11) 
and the work of Taylor and Jones (16) it seems clear that lead 
alkyls undergo a primary dissociation into metal and the free 
alkyl radical. Recently Geddes and Mack (54) have made a 
careful study of the decomposition of gaseous germanium tet¬ 
raethyl. This substance is more stable than lead tetraethyl, 
which decomposes at a measurable rate at about 220°C., and 
is less stable than silicon tetramethyl, which decomposes at about 
650°C. The investigation was carried out in the range 420- 
450°C. and the reaction was found to be unimolecular and prac¬ 
tically entirely homogeneous down to pressures of 8 cm.; the 
energy of activation is about 51,000 cal. The work is interesting 
from the point of view of the decomposition of paraffin hydro- 
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carbons, because the gaseous products of the reaction contain 
60-70 per cent of ethane and ethylene, which might be expected 
in the pyrogenic decomposition of butane if the splitting of the 
butane molecule occurs predominantly in the middle. The 
authors found that added hydrogen and ethylene enter into 
hydrogenation and polymerization reactions, and that nitrogen, 
helium, and argon have practically no effect. 

The investigation of the thermal decomposition of carbon 
tetrabromide (55) showed that it decomposes at a measurable 
rate in the temperature range 300-330°C., but that the reaction 
is heterogeneous. 

Ethylene oxide (56) decomposes in the temperature range 
380-440°C. in the homogeneous gas phase, producing mainly 
carbon monoxide and methane, accompanied by smaller quanti¬ 
ties of hydrogen and ethane. There is an induction period, after 
which the substance decomposes according to a unimolecular 
law; in the later stages the products of the reaction exert a retard¬ 
ing effect, which may also be brought about by the addition of 
other inert gases. The energy of activation is approximately 
52,000 cal. The authors propose a mechanism according to 
which the ethylene oxide first isomerizes to acetaldehyde and the 
activated acetaldehyde then decomposes into methane and 
carbon monoxide or into ethane, hydrogen and carbon monoxide. 
However, this mechanism cannot yet be considered as very well 
established. 

When d-pinene is heated the optical activity changes. The 
rate was measured by Smith (57) who assumed that dZ-pinene was 
formed; actually pinene isomerizes (58) to dipentene. This reac¬ 
tion is the only known example of a homogeneous unimolecular 
rearrangement (59), since all other unimolecular gas reactions 
are decompositions. 

CHLORINATIONS AND OXIDATIONS 

When methane and chlorine are heated above 200°C. at one 
atmosphere total pressure, a homogeneous bimolecular reaction 
occurs (60) readily in Pyrex tubes. Below 300°C. the reaction 
is strongly inhibited by oxygen, but as the temperature is raised 
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this effect gradually disappears. This indicates a chain mech¬ 
anism, and this assumption is further strengthened by the fact 
that the reaction is about 1000 times faster than would be ex¬ 
pected from theory. 

The chlorination of unsaturated hydrocarbons is probably a 
heterogeneous reaction since this has been shown to be the case 
for the reaction between ethylene and chlorine (61). 

Bodenstein (62) has recently published a paper on the oxida¬ 
tion of gaseous acetaldehyde in which he suggests a mechanism 
applicable not only to this substance but to organic oxidations 
generally, particularly those of hydrocarbons. The rate of 
oxidation of the acetaldehyde was followed by measuring the 
changing pressure of mixtures of aldehyde vapor and oxygen in 
the temperature range of 55-90°C. and with an initial pressure 
of about 70 mm. Bodenstein points out that while this pressure 
decrease is very convenient, it is also a very insecure measure 
of this reaction. Several disturbing reactions were noticed 
which vitiated the pressure measurements toward the end of the 
experiment. Thus, peracetic acid is formed in the oxidation 
and this may decompose through an internal combustion into a 
large number of substances, which would cause an increase in 
pressure; further, the peracid and acetaldehyde may react to 
give acetic acid; and finally, especially at lower temperatures, 
some sort of condensation takes place which causes the pressure 
to diminish even after all the oxygen has been used up; however, 
none of these disturbances becomes markedly noticeable until the 
later stages of the reaction. 

Unfortunately disturbances also occur at the beginning of the 
reaction; there is an irregular induction period, very occasionally 
long, sometimes absent, which because of its irregularity must 
be due to contamination and cannot have its origin in the reaction 
itself. It is known for example that traces of diphenylamine 
inhibit this reaction very markedly, and it is possible that traces 
of impurities from stopcock grease have a similar effect. While 
it is therefore not possible to carry out an exact calculation of the 
reaction velocity over the whole course of the oxidation, it is 
possible to analyze the mechanism of the process with consider- 
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able certainty. The result is interesting in that it suggests a 
chain reaction whose course can be followed and described very 
well and which can obviously be taken as representative of a 
large number of similar reactions. 

After a short induction period, mixtures of aldehyde and oxy¬ 
gen in which there is a large excess of aldehyde, have a constant 
reaction velocity which suddenly becomes zero when the oxygen 
is used up; on the other hand, in the presence of an excess of 
oxygen, after the induction period the usual gradual decrease in 
reaction rate is shown. 

There are two possible reaction mechanisms which can be used 
to represent these experimental results. According to the first, 
an aldehyde molecule A, becomes activated, (A'), and reacts 
with a molecule of oxygen to produce an activated molecule of 
peracid, P', which in most cases decomposes into aldehyde (not 
activated) and oxygen, but is sometimes stabilized by collision 
with other molecules of peracid or with the wall. The following 
equations represent the mechanism: 

(1) A —► A' 

(2) A' + 0 2 -> P' 

(3) P' -» A + 0 2 

(4) P' + P -*• 2 P 

(5) P' + wall —<• P 

From these equations it can easily be shown that 

d[Pl fc.U1(UP] + fc t ) 

d t k s 

This mechanism does not lead to a chain reaction and simply 
states that a small fraction of the activated aldehyde molecules 
are converted to the peracid by three body collisions, and that 
the peracid already present has a favorable effect on the stabili¬ 
zation of the activated aldehyde molecules. 

A second mechanism may, however, be used to represent the 
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oxidation, and the equation thus obtained leads to a chain. 
Allowing K to represent a negative catalyst we have: 

(1) A —> A' 

(2) A' + Oj -» F' 

(3) P' -* A' + O s 

(4) P' + A -» P + A' 

(4') P' + K -» P + K' 

(5) P' + O, -» P + O, 

(6) P' (wall) -» P 

Assuming that reaction 4 is very much faster than reactions 5 
and 6, and making certain approximations, one finally obtains, 

d[P] _kih [A]* 

d£ fc# IOa] + h/h 

for the reaction when no negative catalyst is present. In this 
scheme all the activated aldehyde molecules are supposed to 
react with oxygen and the reaction A'—*A is not considered. 

The activation energy in these reactions must be present in 
some very stable form, since it is not lost either by spontaneous 
deactivation or in the decomposition of the activated peracid 
molecule. The heat of activation, calculated from the tempera¬ 
ture coefficient of the overall reaction for the oxidation of acetal¬ 
dehyde, is approximately 10,000 cal.; probably this is about the 
temperature coefficient for reaction 1, since it is'not very likely 
that the other reactions are affected very greatly by changes in 
temperature. 

Bodenstein believes that this second scheme applies to the 
oxidation of a wide variety of organic substances; some of these 
applications will be discussed in the following paragraphs. 

The oxidation of paraffin hydrocarbons has been carefully 
investigated and a considerable number of facts are known, al¬ 
though the mechanism is still obscure. The oxidation of ethane 
has a well marked induction period during which practically no 
oxidation occurs (63); this interval is shortened in varying de¬ 
grees by the addition of traces of moisture, ethyl alcohol, formal- 
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dehyde, iodine, or nitrogen peroxide; the addition of 1 per cent 
of acetaldehyde vapor causes immediate explosion; the oxidation 
itself has all the characteristics of a homogeneous chain reaction 
(64). In such oxidations of hydrocarbons, the oxygen appears 
to have a favorable influence, thus suggesting that the reaction 
determining the velocity may be 

hydrocarbon (excited) + Oj —> oxidation products 

although this is not at all in agreement with the Bodenstein 
scheme. The oxidations of propane and of butane show similar 
phenomena (65). Between 300° and 350°C. it would seem that 
an aldehyde-producing type of reaction predominates; in the 
case of propane this might be represented by 

CHaCHjCHj + 2 Os -> CO + 2 H,0 + CH,CHO 

This is a chain reaction, as is shown by the fact that it may be 
largely suppressed by using small diameter reaction tubes or by 
packing with broken glass. In the range 500-600°C., unsatur¬ 
ated compounds are formed, either by dissociation of the hydro¬ 
carbons into hydrogen and an olefin or by their oxidation to 
water and an olefin; these appear to be more or less normal 
homogeneous gas reactions. 

The oxidation of »-octane (66) can be most simply interpreted 
on the hypothesis that its initial oxidation product is the octal- 
dehyde, which in turn is further oxidized to aldehydes containing 
an even smaller number of carbon atoms, with the simultaneous 
formation of carbon monoxide and some carbon dioxide. Here 
also the oxidation has all the characteristics of a chain reaction, 
including a distinct luminescence in the tube. The oxidation of 
various isomeric octanes indicates that, in general, the oxygen 
first attacks the methyl group at the end of the longest free 
straight chain and then proceeds in a manner analogous to that 
observed for n-octane until a branch in the chain occurs, at which 
point the rate of oxidation slows down markedly (67). 

Several studies have been made on the ethylene-oxygen 
reaction. The effect of ozone in initiating this reaction (68) at 
temperatures below the normal reaction temperature indicates 
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a chain reaction; this has been confirmed by showing that one 
molecule of ozone can induce the reaction of seven molecules 
of oxygen. Thompson and Hinshelwood (69) also concluded 
that the reaction really proceeds through a chain mechanism in 
spite of the fact that it behaves as a third order reaction when the 
total pressure is varied. The partial pressure of the ethylene 
has a very pronounced effect on the rate of the reaction, which 
over certain ranges of pressure is approximately proportional to 
the third power of the ethylene concentration; the partial pressure , 
of oxygen has some influence on the rate, but it is far less pro¬ 
nounced than that of the ethylene. It is probable that the 
reaction rate is retarded by increased surface. The same 
authors suggest that the first stage of the reaction may be the 
formation of an unstable peroxide; if this reacts with more 
oxygen the chain ends, but if it reacts with ethylene, various 
unstable hydroxylated molecules are formed which continue the 
chain; the chains are probably not of great length. Lenher (70) 
has investigated the same reaction at temperatures from 300- 
525°C. and concludes that there are two possible primary reac¬ 
tions, both resulting in the formation of ethylene oxide and for¬ 
maldehyde. The other reaction products, dioxymethyl peroxide, 
acetaldehyde, formic acid, the oxides of carbon, hydrogen, and 
water, are formed in succeeding reactions. At temperatures 
above 500°C. the thermal polymerization of ethylene becomes an 
important side reaction, even in the presence of appreciable 
amounts of oxygen and inert gases. 

The oxidation of acetylene (71) is also a chain reaction; in 
this case it seems most probable that the chains originate on 
the surface of the vessel, undergo considerable branching in 
the gas phase, where some deactivation by oxygen occurs, and 
finally are broken at the walls of the vessel. The study of the 
oxidation of acetylene has led to the isolation of the interme¬ 
diate compounds glyoxal, formaldehyde, and formic acid (72). 
The rate of oxidation increases with increasing oxygen concen¬ 
tration until a region is reached in which the rate is practically 
independent of the amount of oxygen; a further increase in oxy¬ 
gen concentration somewhat retards the rate of reaction. At low 
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concentrations of oxygen the rate is proportional to the first, or 
even lower, power of the concentration of acetylene, and at higher 
concentrations of oxygen the rate is very nearly proportional to 
the square of the acetylene concentration. Inert gases have a 
slight retarding effect on the rate of the reaction. 

SUMMARY 

We may conclude this review by a short summary of the ac¬ 
complishments of the past few years toward understanding the 
complex pictures presented by the behavior and action of organic 
compounds. The isolation and study of free alkyl radicals by 
Paneth and his coworkers constituted a tremendous step forward 
since such fragments very likely play a part in chain propagation. 
The predominance of this type of reaction is particularly striking 
in polymerizations, oxidations and chlorinations. It is true that 
thermal decompositions appear to be simple unimolecular reac¬ 
tions, but it is possible that they may also be of the short chain 
type. The work of Polanyi constitutes an initial step in deter¬ 
mining the nature of activation energy, so that we may hope 
during the next few years to be able to describe with a reasonable 
degree of completeness the reactions of organic compounds in 
the gaseous state. 
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It is generally recognized by chemists that many homogeneous 
reactions take place in steps, and that the order of a reaction, 
determined by rate measurements, designates the molecules that 
react in or before the rate-determining step. However, there is 
undoubtedly much scepticism about the possibility of identifying 
the intermediate compounds formed in and after the rate-deter¬ 
mining reaction. The purpose of the author in this review is to 
illustrate the study of the mechanism of reactions in aqueous 
solutions by means of examples; in some of these the identifica¬ 
tion of the intermediate compounds seems to be so complete that 
the mechanism may be accepted as “proved.’' 

Two examples will be discussed in some detail: one deals with 
the direct and the reverse reaction of a true equilibrium, the other 
with two reactions that lead to a steady state in the catalytic 
decomposition of hydrogen peroxide. The behavior of other 
catalysts for this decomposition will also be briefly considered, 
though in some cases the problem of the mechanism has not been 
solved. 

In the presentation of this material, many details—which may 
be found in the original papers—will be omitted, such as the de¬ 
scriptions of analytical or other experimental methods. Also 
the effect on rates of variations in ionic strength will not be de¬ 
scribed; this subject is discussed under the heading “Kinetic salt 
effect” in a recent article by Livingston (1) entitled “An Intro¬ 
duction to Chemical Catalysis in Homogeneous Systems.” 
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REVERSIBLE REACTIONS 

Abel and Schmid (2) have obtained the following results in 
aqueous solutions at 25°C. The rate of decomposition of nitrous 
acid 

*1 

3HNOj -> H++ NO," + 2 NO + HjO (1) 

at a distance from the equilibrium obeys the law (2c) 

- d(HNO,)/d« - MHNO s )V(Pno)’ (2) 

The reverse reaction 

k, 

H + + NOr + 2 NO + H 2 0 —> 3HNO, (3) 

is autocatalytic, but its rate in the presence of nitrous acid is (2d) 

+ d(HN0 2 )/di - fc 2 (HN0 2 ) (H+) (NOr) (4) 

It has also been shown (2f) that 

h/h - K (5) 

the equilibrium constant of reaction 1, (H+) (NO, - ) (-Pno)V- 
(HN0 2 )®. The rate near the equilibrium is (2e) 

- d(HN0 2 )/d< - fc,(HN0 2 )VPNO ! - k(HN0 2 ) (H+) (NOr) (6) 

and equation 5 may be derived by setting this rate equal to zero. 
The constants have the following values (2f), corrected for salt 
effects, and based on the units moles per liter and minutes: at 
25° h = 46, k, = 1.6, ki/kt = 29, K = 29. * 

It seems worth while to consider at this point how such results 
as these are interpreted. Since only one term appears in each of 
the rate-equations 2 and 4, it is concluded that there is only one 
rate-determining step in each of the reactions 1 and 3. Any 
reaction which is assumed to precede a rate-determining reaction 
therefore must be reversible and have sufficient speed to insure 
maintenance of equilibrium. The experimental result 

ki/kt m ^equilibrium 

has special significance since it proves that the two rate-deter¬ 
mining steps are identical except in the matter of direction. The 
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immediate products of the rate-determining reaction, as well as 
the reacting substances, may thus be identified in this instance, 
since the products in one case are the reactants in the other. 
These conclusions are illustrated in the next paragraph. 

The mechanism proposed by Abel and Schmid may be stated as 
follows: 

Relatively rapid equilibrium 4 HNOj ?=£ N s 04 + 2 NO + 2 H»0 (7) 

Kl 

Rate-determining step N 2 O 4 + H 2 O —* IINO 2 -I- H+ + NO*“ (8) 

The sum is reaction 1. 

k a 

Rate-determining step HNO 2 4* H + 4* NO«” —> N 2 O 4 -f H 2 0 (8r) 

Rapid follow reactions N 2 0 4 + 2 NO + 2 H 2 0 « 4 HNO a (7r) 

The sum is reaction 3, the reverse of 1. 

It is obvious that this mechanism agrees perfectly with the 
rate-equations 2, 4 and 6. Thus it is an experimental fact 
(equation 2) that the rate of decomposition of nitrous acid is pro¬ 
portional to the concentration of N 2 0 4 ; the assumption that the 
single rate-determining step is the reaction between N 2 0 4 and 
water (equation 8) then follows directly. The concentration of 
N 2 Oi in equilibrium with HN0 2 and NO gas was always extremely 
small, and the specific rate of reaction 8 is correspondingly large. 
This first order rate constant was calculated (2c) from the value 
of ki and an approximate value of the equilibrium constant of 
reaction 7. At 25° k x = 1 X 10 7 . 

The reason why very complicated results were obtained by the 
numerous investigators who had studied the rate of decomposition 
of nitrous acid is now clear: they allowed the pressure of NO gas 
to vary during their experiments. The definite and relatively 
simple results of Abel and Schmid were obtained only by main¬ 
taining a constant pressure of NO gas during each run and pre¬ 
venting supersaturation. 

The above results and mechanism are not in conflict with 
known facts, and will serve as a firm basis for future investiga¬ 
tions of the chemistry of nitrogen compounds. Thus it is well 
known that nearly pure nitrite is formed when the gases NO a and 
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N 2 0 4 mixed with NO in excess are passed into an alkaline solution, 
even though in the absence of NO a mixture of nitrate and nitrite 
is formed apparently instantaneously. We have indeed the 
important generalization that the mixture of gases acts as the 
anhydride of nitrous acid more rapidly than N 2 0 4 (or N0 2 ) alone 
can act as the mixed anhydride of nitric and nitrous acids. It 
should also be mentioned that Abel and his associates have re¬ 
cently demonstrated that the relation 

hi/hi “= Kq q u i librium 

holds at other temperatures (3), and that the very complex prob¬ 
lem (2a) of the autocatalytic reduction of nitric acid to NO can be 
solved, at least when the reducing agent is arsenious acid (4). 

While it is scarcely possible that any reasonable mechanism can 
be formulated which differs in principle from that shown in equa¬ 
tions 7 and 8, nevertheless some possible changes in detail may 
well be considered. Since N 2 0 4 is always in equilibrium with 
2N0 2 , N 2 0 4 in equations 7 and 8 could have been replaced by 
2N0 2 . A decision between these two formulations seems im¬ 
possible. It might be urged in favor of N 2 0 4 + H 2 0 in reaction 8 
that the collisions involving two molecules are much more 
numerous than those with more than two; but this argument is 
not applicable in this instance since the water is always available 
when two molecules of N0 2 collide. However, this method of rea¬ 
soning does apply in reaction 7; this, on account of its high order, 
undoubtedly takes place in steps. N 2 0 8 is- a probable interme¬ 
diate compound, and has recently been proved to exist (5) in equi¬ 
librium with NO, N0 2 and N 2 0 4 . Its formation from the odd 
molecules NO and N0 2 is entirely analogous to the formation of 
N 2 0 4 from 2NO s . Moreover, Abel, Schmid and Weiss (4) in their 
investigation of the reduction of nitric acid by arsenious acid 
have discovered a reaction involving 2HN0 2 and 1H 8 As 0 8 , and 
have assumed that N 2 0 8 reacts in the rate-determining step 

N 2 0, + H,AbO, -» 2 NO + HiAs0 4 (0) 

Reaction 7 may thus be replaced by the following set of reversible 
and extremely rapid reactions: 
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2HN0 2 


N 2 0 8 "f* h 2 o 

(10a) 

n 2 o 8 


N0 2 + NO 

(10b) 

2 N0 2 


n 2 o 4 

(10c) 


Another example of a reversible reaction which takes place in 
steps, of which only one is rate-determining, is furnished by the 
reactions 

ki 

H,AsO, + Ir + H s O <=* H,As0 4 + 2 H + + 3 I" (11) 

k. 

Many years ago Roebuck (6) demonstrated that 

— d(H s As0 8 ) , (HsAbOs) (Ir) 

di ‘ (H+)(I-)» (12) 

+ d (H a AaO,) _ (HjAsCL) (H+) (I - ) (13) 

at 

and 

ki/hi “ Kequi Ilbrlom 

By means of data from Roebuck’s first paper, Bray (6b) showed 
that as equilibrium is approached the rate is equal to the differ¬ 
ence between the two rates 12 and 13. The only reasonable 
mechanism is that suggested by Roebuck: 

Relatively rapid equilibria I 8 “ I 2 -f 1“ (14) 

I 2 + H 2 0 HIO + H++I- (15) 

Kl 

Rate-determining step H 8 As0 8 + HIO H 8 As0 4 + H + + I" (16) 

The reverse of 16 is of course the rate-determining step which is 
responsible for rate-equation 13. The following values of the 
specific rates are based upon the conventional units—moles per 
liter and minutes (7)—but are not corrected for salt effects. 
At 0° ki = 9.4 x 10~ 4 , k 2 = 6.3 X 10~ 3 (approximately), ki/ki 
= 0.15, and K = 0.16. 

The specific rate of the bimolecular reaction between H 8 AsO s 
and HIO has been calculated by Liebhafsky (7) from ki and the 
equilibrium constants of reactions 14 and 15 to have the ex¬ 
tremely large value: ki = 1 x 10 u at0°. 
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Roebuck’s results constituted an important item of the evi¬ 
dence which the author presented (8) in 1906 to support the 
conclusions that (a) when a halogen, X 2 , is reduced in aqueous 
solution the actual reactant frequently is the hypohalous acid, 
HXO (or the ion XO - ); and (6) when a halide ion, X - , is oxidized 
by a substance which loses oxygen in the reaction the primary 
product is usually the weak acid HXO or the ion XO - . 

In this use of the term “primary product” and, in general, in the 
formulation of intermediate reactions, there has been no intention 
of implying that other intermediate compounds do not intervene 
between the reactants and products listed. The reactants must 
remain in contact long enough to permit the necessary rearrange¬ 
ments of electrons and atoms to take place, and it is therefore 
evident that the formation of an addition compound (or com¬ 
pounds) may and probably should be assumed in every case. 
Even in the case of a first order reaction some interaction with the 
solvent, water, is in general to be expected. 

STEADY STATES IN THE CATALYTIC DECOMPOSITION OF HYDROGEN 

PEROXIDE 

When hydrogen peroxide is added to a solution which contains 
bromide ion and hydrogen ion at moderately large concentrations, 
bromine is formed at a measurable rate. Its concentration rises 
gradually to a definite value in each experiment and then remains 
constant until the hydrogen peroxide is decomposed. The reac¬ 
tion at the beginning of the experiment is 

H.Oj + 2 Br- + 2 H + -» Bim + SHjO (17) 

On the other hand bromine is reduced by hydrogen peroxide. 
The reaction 

ki 

HjOj + Br s 0 2 + 2Br- + 2H+ (18) 

is very rapid when the concentration of either hydrogen ion or 
bromide ion is low, and proceeds until a concentration of bromine 
is reached which is too small to be measured experimentally. 
However, the same final concentration of bromine as in the first 
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experiment can be realized if the final concentration of the 
hydrobromic acid and the temperature are the same as in that 
experiment. In each case a steady state is reached in which the 
only measurable reaction is 

k 

2 mo, -» 0 2 + H 2 0 (19) 

The hydrogen peroxide thus is catalytically decomposed in a 
solution in which the concentration of H + , Br~ and Br 2 remain 
constant. 

The investigation of this system of reactions was undertaken 
by Livingston and the author (9) in the hope of proving that this 
catalysis is nothing more nor less than the occurrence of the inde¬ 
pendent reactions 17 and 18 at equal rates. The net result would 
then be reaction 19, since the bromine terms cancel. Reactions 
such as 17 and 18 were termed compensating reactions by Abel 
(18a) and by Bray and Livingston. 

A large number of experiments at 25° led to the following re¬ 
sults. The rate of decomposition of hydrogen peroxide at the 
steady state conforms to the rate law 

- d(H 2 0 2 )/d* - fc(HsOj) (Br~) (H + ) (20) 

The concentration of bromine at the steady state is proportional 
to the square of the product of the concentrations of hydrogen 
ion and bromide ion, i.e., 

(Br 2 )/(H + ) J (Br~)’ - R, a constant. (21) 

On the basis of these results and the assumption that reactions 
17 and 18 are responsible for the catalysis, it was predicted in the 
first paper (9a) that the rates of reactions 17 and 18 at a distance 
from the steady state would follow the laws 

d(Brj)/di — fci(H 2 Os) (Br~) (H + ), where fci — §fc (22) 

- d(Br a )/d« - k, (H 2 0 2 ) (Br,)/(Br-) (H + ) (23) 

and that at the steady state, where these rates are equal, 


k\/k, ** R 


(24) 
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The results of a few experiments (9a) were considered sufficient to 
prove that rate-equation 22 holds in the initial stages of reaction 
17. Final evidence in favor of our assumption was obtained at a 
later date (9d) from measurements of the rate of reaction 18 at low 
concentrations of bromide ion—i.e., under conditions where the 
catalysis is negligible. On account of the high speed of the reac¬ 
tion a flow method was used, which provided for the quenching 
of the reaction a few seconds after the solutions were mixed. 
The results at 25° verified equations 23 and 24. 

Conclusive evidence of the validity of rate-equation 23 had 
already been obtained by Balint (10) by direct measurements at 
0°, but his thesis, in Hungarian, was overlooked while our work 
was in progress. His results are summarized in our paper (9d). 

The constants k h k 2 and R when corrected for salt effects were 
designated xi, X 2 and p respectively. At 25° xi = 0.022, x 2 = 
0.018, Xi/xs = 1-2, and p = 1.2 to 1.7. 

Equations 22, 23 and 24 are formally analogous to equations 
2, 4 and 5, or 12, 13 and 5, and furnish similar information about 
mechanism. Each of the reactions, 17 and 18, has only one rate¬ 
determining step, and at the steady state these two rate-deter¬ 
mining reactions have the same speed. Here the analogy with a 
true equilibrium ends, since H 2 0 2 is used up in both reactions. 
However, the bromine compound which is the product in one 
reaction must be the reactant in the other. 

The kinetic mechanism outlined below.is in complete agree¬ 
ment with the four sets of experimental data summarized in 
equations 20, 22, 23 and 24 or 21, and is consistent with the gen¬ 
eral conclusions about halogen and halide reactions, stated in the 
preceding section. 

ki 

Rate-determining step H 2 0 2 + Br” + H + HBrO + H a O (25) 

Rapid follow reaction HBrO -f Br* 4- H + == Br 2 + H 2 0 (26) 

The sum is reaction 17. 


Relatively rapid equilibrium Br 2 + H 2 0 

Ki 

Rate determining step H 2 0 2 + HBrO 
The sum is reaction 18. 


■ HBrO + Br* + H+ (26 
reversed) 

0 2 -f Br- + H+ + H 2 0 (27) 
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The specific rate of the bimolecular reaction between H 2 0 2 and 
HBrO, calculated from k 2 and the equilibrium constant for the 
bromine hydrolysis is <c 2 = 0.018/5.2 X 10 ~ 9 = 3.5 X 10 6 at 25°. 
At the steady state the absolute rates of reactions 25 and 27 are 
equal. Their sum is reaction 19, and they too are compensating 
reactions. 

The above results evidently would have been more complex if 
there had been more than one rate-determining step in either of 
the overall reactions, 17 and 18, or if the mechanism of either of 
these reactions had undergone a change in the approach to the 
steady state. Such complications will be illustrated later. 

The completeness of the proof of mechanism in the present ex¬ 
ample supports the chemical theory of homogeneous catalysis, 
namely, that the catalysis is due to a series of compensating reac¬ 
tions. A catalyst for a homogeneous oxidation-reduction reaction 
may therefore be expected to exist in at least two forms, which 
correspond to an oxidation-reduction couple. Thus the qualita¬ 
tive evidence indicated that the bromine-bromide couple cata¬ 
lyzes the decomposition of the peroxide. The steady state func¬ 
tion, 21, is not in disagreement with this idea; but the results 
of the rate measurements, equations 20 and 23, led to the conclu¬ 
sion that the rate-determining reactions involve the hypobromous 
acid-bromide couple. It is of interest to consider what other 
couples are eligible to be catalysts for the decomposition of hydro¬ 
gen peroxide. 

The energy relations of hydrogen peroxide reactions in acid 
solution may be conveniently represented by plotting the elec¬ 
tromotive force of half-reactions against the logarithm of the 
concentration of hydrogen ion. The equations of the half-reac¬ 
tions considered and values of E°, the standard oxidation-reduc¬ 
tion potential at 25°, are shown at the right-hand side of the dia¬ 
gram; the lines show the effect of varying the concentration of 
hydrogen ion. The E° values were usually calculated from free- 
energy or equilibrium data. In this connection it is of interest to 
note that direct e.m.f. measurements yield values for the 0 2 - 
H 2 0 2 couple (E° =- 0.68 volt), but not for the H 2 0 2 -H 2 0 or 
0 2 -H 2 0 couples (E° = 1.78 and 1.23, respectively). The dis- 
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In any given case the speed of one or both of these compensat¬ 
ing reactions may be so small that the couple will have no appre¬ 
ciable catalytic action, and it is therefore always necessary to 
determine by experiment whether a couple, selected as a possible 
catalyst by means of free energy data, actually is a catalyst. 
The Br0 8 ~-Br 2 couple was cited by Bray and Livingston (9a) 
as an example. BrO»~ is reduced rather slowly by H 2 0 2 in acid 
solution (9a, 11), but no evidence of the oxidation of Br 2 to Br0 8 ~, 
or of catalysis due to Br0 3 ~, has been obtained. 

From the value of the oxidation potentials of the Br 2 -Br - and 
HBrO-Br - couples in the diagram, it may be concluded that each 
of the reactions, 17, 18, 26 and 27, has a great tendency to take 
place, and therefore that each of these couples is a possible cata¬ 
lyst ; but experiments were necessary to demonstrate the catalysis, 
and the kinetic investigation to prove that H 2 0 2 reacts much more 
rapidly with HBrO than with Br 2 or Br 8 - . 

Ferrous ion is oxidized by H 2 0 2 very rapidly and practically 
completely to Fe +++ , and H 2 0 2 is catalytically decomposed in a 
solution which contains Fe +++ and H + . However it is not safe to 
conclude from the potential of the Fe +++ —Fe ++ couple that the 
kinetic mechanism is the simultaneous reduction of Fe +++ to Fe ++ 
and oxidation of Fe ++ to Fe +++ . The rate measurements of 
von Bertalan (12) and others agree fairly well with the rate law 

- d(H 2 0 2 )/d* = fc(H 2 0 2 ) (Fe +++ )/(H+) (28) 

This relation was checked in this laboratory by F. D. Dempster 
in 1923 for concentrations of H 2 0 2 below 0.4 M and above 0.02 M. 
At lower concentrations the value of k decreased gradually during 
each run. Recalculation of von Bertalan’s data to provide for the 
decrease in the concentration of acid during the initial oxidation 
of Fe ++ to Fe +++ brought excellent agreement between the 
results of these experiments an<j those in which ferric salt was 
used. The average value of k i^o.l2S.at 40° when concentrations 
are in moles per liter. With regard to mechanism, it is possible 
that one of the compensating reactions is the formation of 
Fe0 2 H++ from FeOH ++ and H 2 0 2 or from Fe +++ and H0 2 ~, 
or that Fe0 2 H ++ is in equilibrium with Fe +++ , H 2 0 2 and H + ; but, 
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even if one of these assumptions is made, nothing definite can be 
stated about the subsequent history of this unknown interme¬ 
diate compound. It may reduce H 2 0 2 to yield Fe +++ + 0 2 , or 
decompose into Fe +++ + 5 0 3 , or undergo more complex changes. 
In this connection it should be noted that Bohnson and Robert¬ 
son (13) have presented optical evidence that ferrate ion is 
present during the reaction. 

An exceptionally large amount of experimental evidence is 
available in the iodine-iodide system of reactions. H 2 0 2 may 
be determined volumetrically by means of the reaction 

k 1 

H 2 Os + 3 I" + 2 H+ -» I,- + 2 H 2 0 (29) 

when the concentration of H + is 0.2 M (9d) or greater, and cata¬ 
lytic decomposition of H 2 0 2 is appreciable only at lower concen¬ 
trations of acid. The rate measurements of Magnanini (14) in 
1891 and of Noyes (15) in 1895-1896 are in agreement with the 
rate equation 

d(I,-)/d/ - *,(H 2 0 2 ) (I-) + *>'(H«Ot) (I-) (H + ) (30) 

and were interpreted ( 8 ) to correspond to two simultaneous rate¬ 
determining reactions 

*1 

H 2 0 2 +I- -> I0- + H 2 0 (31) 

k,' 

H 2 0 2 +I- + H + -> HI0 + H 2 0 (32) 

At 25° ki = 0.60—0.65 and W = 16, approximately. The third 
order reaction is negligible in comparison with the second order 
reaction when the concentration of H+ is 10 ~ 4 or lower, but its 
specific rate, 16, is much greater than that of the corresponding 
Br~ reaction, 0.022 in reaction 25. 

Brode (16) in 1904, immediately after Walton (17) had demon¬ 
strated that the decomposition of hydrogen peroxide in potassium 
iodide solution obeys the law 

- d(H 2 O a )/d* - fc(H 2 0 2 ) (I-), k = 1.3 at 25°, (33) 

pointed out that k is equal to 2 k%, and concluded that reaction 31 
must be the first step in the catalytic decomposition, as well as in 
reaction 29. 
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In 1908 Abel (18) began his extensive investigations of these 
reactions at concentrations of hydrogen ion between 10 - 7 and 
10 controlled by the acetic acid-sodium acetate buffer. He 
showed that the catalysis is due to a “dynamic equilibrium” or 
steady state in which the compensating reactions are reaction 29 
and 

HjO» + Ir -> O, + 3 I- + 2 H + (34) 

(Abel wrote I 2 instead of I 3 ~ and defined L as the total iodine.) 
At any given concentrations of I~ and H+ the concentration of 
I 3 ~ increases or decreases to a definite value, and in this final 
solution the equilibrium concentrations of I 2 , HIO, and 10 _ also 
have definite values. His rate measurements at and near the 
steady state proved that the “iodine-iodide” catalysis is the same 
as the iodide catalysis which Walton had studied in faintly alka¬ 
line solutions. Abel pointed out that it is incorrect to speak of 
reaction 31 as the only rate-determining step and wrote for the 
other 


H 2 O s +IO- —> 0,+ I- + H s 0 

Later (18b) reaction 34 was investigated at a distance from and 
during the approach to the steady state; the results of a large num¬ 
ber of rate-measurements showed the rate law to be very compli¬ 
cated. 

Abel in 1928 (18d), from a consideration of the variation of a 
steady state function, (H+) 2 (I-) 2 /(I 2 ), with the concentration of 
hydrogen ion, definitely concluded that oxygen and iodide ion are 
formed in two rate-determining steps, which together just com¬ 
pensate reaction 31: 

HjOs + HIO 0 3 + I- + H+ + HjO, to - 3.3 X 10‘ at 25° (35) 

and 

H 2 0 2 -f IO“ —► Oa + 1“ + HjO, k 2 ' — 1 X 10 11 , approximately (36) 

The values of * 2 and * 2 ' were calculated from rates at the steady 
state, the concentrations of H+, I~ and I 3 ~ at the steady state, and 
the equilibrium constants for the dissociation of triiodide, the 
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hydrolysis of iodine, and the ionization of hypoiodous acid. He 
then found that it was possible to interpret the complicated 
results for reaction 34 by assuming that equilibrium in the 
hydrolysis of iodine is not maintained at a distance from the 
steady state. 

k,' 

It + HjO HIO + H+ + I- (37) 

k, 

At 25° ks = 0.25 and k» = K^ a n./k z ' - 0.8 X 10 12 . The value 
of k z was calculated from his rate data for reaction 34. 

Recently Liebhafsky (19) has presented experimental evidence 
that the specific rate of the hydrolysis of iodine at 25° is consider¬ 
ably greater than 0.25. His evidence depends on the high speed 
of several iodine reactions, e.g., reaction 11 at low concentrations 
of H+ and I~. However, this result, as Liebhafsky was careful to 
state, casts no doubt upon the correctness of Abel’s conclusion 
that the rate-determining reactions at the steady state are reac- 
actions 31, 35 and 36. 

The catalytic action of the chlorine-chloride couple is similar to 
but less efficient than that of the bromine-bromide couple. The 
concentration of chlorine at the steady state is measurable only 
when the concentration of the hydrochloric acid is 4 N or higher. 
From measurements of the rate at the steady state and of the 
function, (C1 2 )/(H+) 2 (C1~) 2 , it was concluded (20) that the 
two rate-determining reactions are identical in form with reac¬ 
tions 25 and 27: 

*i 

H,0, + C1- + H + -♦ HCIO + H s O (38) 

HjOj + HCIO 0, + Cl" + H + + HsO (39) 

At 25° in 4.8 M HC1, ki = 10.8 X 10~®, and = 0.8 X 10*. 
The limiting or corrected value of ki at lower concentrations of 
HC1 was found to be xi = 5.0 X 10~ s , and the corresponding 
value of <t s may be as high as that for the reaction between H 4 O a 
and HBrO. 

Recent measurements of B. Makower have shown that the 
rate of the reaction 
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k, 

HjOa + Cl a -> Os + 2Cl- + 2H+ (40) 

at a distance from the steady state agrees fairly well with the cal¬ 
culated value when the concentration of HC1 is in the neighbor¬ 
hood of 5 N. At lower concentrations, however, the measured 
rate is less than that calculated, and the difference is large at 0.5 
M HC1. This discrepancy seems to be due to a remarkable 
change in the specific rate of the bimolecular reaction between 
H 2 0 2 and HCIO, for Makower has found that the rate of this 
reaction is slow enough to be measured directly when solutions of 
these substances are mixed at 25° and the concentration of either 
H+ or Cl - is low. 

Much experimental material has been collected in this labora¬ 
tory (21) on the reactions that involve H 2 0 2 ,1 2 and I0 3 ~, but the 
investigation is still incomplete. Hydrogen peroxide is catalyt- 
ically decomposed in solutions which contain I0 8 _ and H + , 
and the concentration of iodine is measurable at the steady state. 
At a low concentration of H+ solid iodine may separate, and there 
is also a gradual transition to the iodine-iodide reactions (21b). 
The steady state in the iodate-iodine catalysis is more complex 
than that in the halogen-halide catalyses. Thus the steady state 
concentration of iodine decreases while the hydrogen peroxide is 
being used up in a run. Also in a narrow range of experimental 
conditions there was observed (21a, b) a regular periodicity in 
the rate of evolution of oxygen accompanied by periodic changes 
in the concentration of iodine. 

Liebhafsky (21d) measured the rate of the reaction 

5 HjOi + 2 IOr + 2 H + -> 5 0 2 + I 2 + 6 H.O (41) 

at a distance from the steady state by extracting the iodine as it 
was formed, and found for the rate law at 50° 

- d(IO,-)/d< - 2.8 X 10 -* (H s O s ) (IOr) + 129 X 10 -* (H 2 O s ) (IOr) (H+) (42) 

* 

The two simultaneous rate-determining reactions which are 
necessary to explain these results were assumed to be: 


HjOs =» ior —► 0 2 + ior + h 2 o 

HjO> + IOr + H + -> O a + HIOj + HsO 


(43) 

(44) 
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Unpublished rate measurements at the steady state have shown 
that these two reactions are also rate-determining steps in the 
catalysis, and that there is at least one additional rate-determin¬ 
ing reaction. 

The oxidation of iodine in acid solution (21c, e) 

SHjOj+Ii -» 2 IO»~ + 2 H + + 4 HjO (45) 

takes place at a measurable rate only when 10 s ~ is present, and 
is always accompanied by catalytic decomposition. The first 
step has been shown to be the hydrolysis of iodine (equation 37). 
The reaction proceeds when this equilibrium is shifted by the 
removal of the products, e.g., by their interaction with I0 3 ~ and 
HIOj. On the basis of our first measurements (21c) it was con¬ 
cluded that the maximum limiting rate had been attained, and 
that ki = 0.6 at 25°. Later measurements at 0° (21e) cast 
doubt upon this result, and, as has already been mentioned, 
Liebhafsky (19) has recently presented evidence that the specific 
rate of the iodine hydrolysis has a considerably higher value. 

The Cr 2 0 7 —-Cr+++ catalysis is also very complicated. The 
results of Spitalsky (22), however, show that the catalysis takes 
place under conditions which are intermediate between those for 
the reduction of Cr 2 0 7 — to Cr+++ and those for the oxidation of 
trivalent chromium to Cr0 4 —, and depends upon the rates of 
these compensating reactions. A steady state is reached at low 
concentrations of acid, but Spitalsky determined the steady 
state function only for the limiting case of zero concentration of 
hydrogen peroxide. 

In this review the author has attempted to show that inter¬ 
mediate compounds have been identified in some rather complex 
reactions in aqueous solution, and that the specific rates of a 
number of intermediate reactions can be measured. The tem¬ 
perature coefficients, and therefore the heats of activation, of 
these intermediate reactions either have been, or can be, deter¬ 
mined. Such results are of importance in inorganic chemistry, 
and also may be of value in the search for a theoretical explana¬ 
tion of wide differences in the specific rates of closely analogous 
reactions. 
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It has been known for over forty years that measurements of 
the velocity of chemical reactions in solutions containing ions 
frequently yield results which are unexpected and inexplicable on 
the basis of the theory of Arrhenius and the classical laws of reac¬ 
tion velocity. 

According to the theory of chemical reaction velocity as de¬ 
veloped by van’t Hoff, Wilhelmy, and Harcourt and Esson, each 
molecule entering into the kinetic scheme influences the velocity 
in proportion to its concentration. Accordingly Ostwald pro¬ 
posed that the catalytic inversion of cane sugar could be employed 
as a method for the determination of the hydrogen ion concen¬ 
tration furnished by different acidn. The results agreed quite 
well with the concentrations of hydrogen ion as determined by 
other methods based upon the Arrhenius theory, except when 
salts were present. For example, the addition of 0.1 mole of 
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potassium chloride to a liter of solution containing cane sugar in¬ 
creased the velocity of inversion by about 40 per cent when dilute 
acetic acid was the catalyst, but only 4 per cent when dilute 
hydrochloric acid was used. On the other hand, the addition of 
sodium acetate to acetic acid produced a greatly decreased rate 
in reasonably good agreement with expectations based on the 
mass law, recognized as valid for weak electrolytes. 

Later experiments demonstrated that the velocity of reactions 
between ions, such as the reduction of ferric ion by stannous ion, 
yielded reaction velocity “constants” which changed in a very 
pronounced manner when the initial concentrations were varied 
in an endeavor to discover the true order of the kinetic reaction. 

In spite of extensive researches by many competent investiga¬ 
tors, this problem of neutral salt or—better—electrolyte effect, 
remained an enigma until recently. It had to await the develop¬ 
ment of the modern theory of electrolytes to which it is closely 
related. 

As the result of an extensive survey of the data on reaction 
velocity, Bronsted has formulated a theory which has at last 
brought order out of chaos. He divides the kinetic anomalies 
into three classes: ( 1 ) primary salt effect, which involves a purely 
kinetic effect confined to the reacting ions; (2) secondary salt 
effect, produced by a shift in the degree of dissociation of a weak 
electrolyte when one of its ions is involved in the kinetic process; 
(3) generalized acid-base catalysis. Since the latter has been 
the subject of a previous review in This Journal (1) and is dis¬ 
cussed elsewhere in this symposium it will not be discussed fur¬ 
ther here. Instead the present review will be confined princi¬ 
pally to a critical presentation of the primary salt effect and some 
recent experimental results bearing upon it (2). 

II. THE BRONSTED FORMULA 

The fact that many chemical reactions follow an order differ¬ 
ent from that predicted from the stoichiometric equation for the 
process requires that the reaction molecules do not pass directly 
from the initial to the final state, but involve a series of more 
or less unstable intermediary complexes. The widespread ex- 
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istence of catalysis, the success of the Arrhenius equation, and 
the phenomena of induced reactions all bear evidence of the 
correctness of this point of view. 

For a bimolecular reaction, Bronsted assumes that the reacting 
molecules A and B after colliding with each other pass through a 
series of such states as indicated by the scheme: 

A + B ?= (AB), *=t (AB), (AB), — > R x + Rj + ... (1) 

where (AB)i, (AB)*, (AB)* represent the intermediate complexes. 
Their exact nature is not clearly understood, but the development 
of the quantum theory of band spectra furnishes ample evidence 
for the existence of a host of such states differing but slightly in 
energy content from one another. For our purposes it can be 
demonstrated that the tempo of the process will be determined 
by the rate of transformation of the most unstable complex, 
designated as the critical complex, (X). The kinetic process 
may be written more simply as: 

A+Bfi (X) —> R, + R-2 + ... (2) 


Since the various complexes are in equilibrium with one another 
they may be eliminated successively in setting up the rate equa¬ 
tion by introducing the equilibrium constants appropriate for 
each stage in the reaction; thus the final equation will involve 
only a concentration function of (A), (B), and (X) and the prod¬ 
ucts of these equilibrium constants, all fused into one constant, k. 

On the basis of this mechanism, Bronsted gives as his more 
general velocity formula: 

i>, = koC A C R f ^? ( 3 ) 

•'x 


Here, v equals — 


dC'A _ dCj 
d t dt 

/a/b 


; k 0 is independent of concentration, 


so that the factor - = F, representing the salt effect in terms 
fx 

of the ratio of the activity coefficients of A, B, and X, enters as 
the sole correction to the classical rate equation. Bronsted re¬ 
stricts equation 3 to dilute solutions since he makes no claim 
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that his theory will account for non-thermodynamic factors 
which may affect the velocity in concentrated solutions or on 
passing to a totally different solvent. 

III. INTERIONIC ATTRACTION THEORY OF ELECTROLYTES 

To illustrate the usefulness of equation 3 for the interpretation 
of the neutral salt effect it becomes necessary to outline some of 
the salient features of the modern theory of electrolyte solutions. 
Reactions involving ions are best adapted for testing equation 3, 
owing to the simplicity with which the activity coefficient of an 
ion can be expressed as a function of the concentration in dilute 
solution. However, the theory is by no means restricted to this 
class of substances. 1 

The factor, F, vanishes whenever /a/ b = / x . This will be 
true for extreme dilution in any given reference solvent. How 
far this cancellation will persist upon passing to finite concentra¬ 
tions depends upon the extent to which each species obeys the 
laws of ideal solutes. It is well known that most non-electro¬ 
lytes obey these laws reasonably well to about 0.1 molal. On the 
other hand, the hypothesis of the complete dissociation of strong 
electrolytes demands that the ions exhibit a uniform divergence 
from the simple gas laws solely by virtue of the interionic at¬ 
traction arising from their net charges (5). In other words, the 
activity coefficient of an ion of a strong electrolyte is determined 
solely by its valence (charge) and the concentrations and valences 
of all the surrounding ions. This principle culminates, finally, 
in the limiting law of Debye and Hiickel (6):— 

- log /. - 0.50 Z\ Vm (4) 

valid for water (D = 78.8) at 25°C. Here, n is the ionic strength 
equal to one-half the summation of the products of the concen¬ 
trations of every ion in the solution, multiplied by the square of 
its respective electric charge, Z { . That is, 

m - i 2 c,z ; (5) 

1 For a more complete presentation and the significance of the activity concept 
see reference 3. For a presentation of the theory of kinetic salt effect see refer¬ 
ence 4. 
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Specific individual behavior due to such causes as the ionic di¬ 
ameters, changes in dielectric constant produced by the presence of 
the ions, enter only in terms of the concentration to a power 
greater than the one-half power. Specific individual deviations 
from equation 4 should vanish, therefore, for a region of suffi¬ 
ciently dilute solutions. 

IV. EXPERIMENTAL VERIFICATIONS OF THE PRIMARY SALT EFFECT 

Figure 1 represents the general dependence of the activity 
coefficient of a particular ion, as determined by solubility and 



Fig. 1. The Dependence or the Activity Coefficient of a Univalent (fi), 
a Bivalent (/ a ), and a Trivalent Ion (/ s ) as a Func¬ 
tion of the Ionic Strength h 

related thermodynamic methods, as a function of its electric 
charge and as a function of the total concentration in terms of 
the ionic strength m- For n = 0.1, the activity coefficient for a 
neutral molecule (Jo) is practically unity, i.e., 0.96 to 1.04 for 
most molecules, while the activity coefficients of ions assume 
values approximately equal to /i = 0.7, f t = 0.4, and /» = 0.1. 
Since the fugitive nature of X precludes its isolation, and the 
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instability of A and B when in the presence of each other pre¬ 
vents a determination of / A and/ B for the exact conditions under 
which the reaction proceeds, it is necessary to appeal to the prin¬ 
ciple of ionic types to test equation 3. 

Table 1 classifies some reactions according to their electric 
types and presents numerical values for F for a total concentra¬ 
tion of n - 0.10. In his first paper Bronsted compared the salt 
effects of a large number of ionic reactions with such predictions 
based on the solubility data then available. He showed that 
positive salt catalysis is always obtained for reactions between 


TABLE 1 

Salt effects as a function of the electric charge type 


TYPE 

F 

PREDICTED 
BALT EFFECT 
AT 0 1 H 

CONCENTRATION DEPENDENCE 

A + + B°^X+. 

A + -f B + <=± X ++ . 

/l/o 

fl 

/l/l 

0.96-1 04 

1.22 

Linear Positive or 

negative 

Exponential Positive 


u 

A+ + B“ X°. 

hh 

/o 

0 49 

Exponential Negative 

A++ + B~<=*X + .. 

/'•l/l 

0 40 

Exponential Negative 


fl 

A ++ + B + <=* X +++ . 

Mi 

h 

2 80 

Exponential Positive 


ions of the same sign, whereas negative salt catalysis always re¬ 
sults when the reacting ions are of opposite sign. This predic¬ 
tion can be demonstrated more convincingly by using equation 
4 to evaluate the factor F for high dilutions. If we integrate 
equation 3 under the assumption that the activity coefficients 
remain unchanged during the reaction 2 we obtain: 


log k «= log fa + log 


/a/b 

fx 


( 6 ) 


2 G. Scatchard (J. Am. Chem. Soc. 52 , 52 (1930)) by employing a simplified 
approximation to equation 4 has integrated equation 3, taking into account 
changes in the activity coefficients due to a change in the ionic strength with the 
progress of the reaction. 
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Fig. 2. The Influence of Ionic Strength on the Velocity of the Ionic 

Reactions 

1. 2 [Co(NH 3 ) 6 Br] + + + Hg + + 4- 2 H ? 0 2 [Co(NH 3 ) 6 H 2 0]+ + + + HgBr 2 
(Bimolecular). No foreign salt added. Bronsted and Livingston: J. Am. 
Chem. Soc. 49, 435 (1927). 

2 . Circles. CH 2 BrCOO- + S.O.— -> CH 2 S 2 0 3 C00~ -f Br“ as the sodium 
salt. No foreign salt added. La Mer: J. Am. Chem. Soc. 51, 334 (1929). 

Dots. SaO 8 4- 1“ — 1 ► I 2 4- SO*— as Na 2 S 2 0 8 and KI. King and Jacobs: 

J. Am. Chem Soc. 53 , 1704 (1931). 

3. Saponification of nitrourethane ion by hydroxyl ion. [NO 2 «* N — 
OOOC 2 H 6 ]-- 4- OH- -4 N 2 0 4- CO.— 4- C 2 H 6 OH. Bronsted and Delbanco: 
Z. anorg. Chem 144, 248 (1925). 

4. C 12 H 22 O 11 0 4- OH” - —> Invert Sugar. Arrhenius: Z. physik. Chem. 1, 
111 (1887). 

5. H 2 O 2 4- H+ 4- Br~ —> H 2 0 4- Br 2 . Livingston: J. Am. Chem. Soc. 48, 
53 (1926). 

6 . [Co(NHa)ftBr] + + 4- OH~ -► [Co(NH 3 )*OH] + + 4- Br~. Brfinsted and 
Livingston: J Am. Chem. Soc. 49, 435 (1927). 

A large number of reactions corresponding to the type A + 4- B 0 ^ [X] + yield¬ 
ing a linear salt effect are to be found in the studies of Harned and Akerlof, and 
Brfinsted and his collaborators. See J. Am. Chem. Soc. 60, 358 (1928); 51, 248 
1929); Trans. Faraday Soc. 25, 59 (1929). 
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Introducing equation 4 for / A , / B and / x , and noting that Z x = 
Z A + Z-q, the result is 

log k - log h> + Z A Z B \/m (7) 


or 


z . 

V - fco c k • C B 10 A B (8) 

The velocity is consequently an exponential function of the square 
root of the ionic strength. When Z k = zero, the factor Z A Z B 
vanishes. When A and B have the same sign, Z K Z B is positive; 
when A and B are opposite in sign, Z A Z B is negative. 

Since the principle of ionic types assumes greater validity 
the more dilute the solution, the best test of the theory is obtained 
by plotting log k against Vm, and noting if the experimental 
curve approaches a slope equal to Z A Z B . Figure 2 shows that 
this requirement is met by six distinct types of reactions. In the 
case of reaction 1, studied by Bronsted and Livingston, it is 
difficult to say whether the deviations are due to experimental 
errors, 8 or to a failure of the formula for such high valence types 
at the concentrations studied (7). This point will be treated more 
critically in section IX. 

V. SECONDARY SALT CATALYSIS 

If one of the reacting ions is furnished by a weak electrolyte, 
as is the case when cane sugar is inverted by acetic acid (HAc), 
we have a situation represented by the scheme: 

H a O + 4- C 13 H 22 O 12 X + —> Invert Sugar + H*0 + 

jr 

HAc + H 2 0 

If now an inert foreign salt such as potassium chloride be added 
to this reacting mixture, we have in addition to the primary 
kinetic effect of about 4 per cent as found for hydrochloric acid, 

* Most of the data for reaction 1 have not been plotted, as they deviate con¬ 
siderably within a given series. The circles refer to a series in which no foreign 
salt has been added. It is the most consistent of all. 
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an additional effect due to the displacement of the equilibrium 
between H + , Ac~ and undissociated HAc. Since at equilibrium 
we always have 

fl HiO* ' °Ac* “ K '° ' a HAe ^ 


'HiO* 


K’ 


"HAc 


"Ac" 


■'HAc 


Ac" f H.O" 


( 10 ) 


When the ionic strength increases from nearly zero to 0.1 n, 
/ Ao - and f h i0 + change from about unity to about 0.7; / H a 0 
remains practically equal to unity. The decrease in / Ao - is 
balanced by the increase in C Ac; so that the only factor of im¬ 
portance is 1 // H+ == 1 /0.7 ^ 1.43. That is, a 43 per cent increase 
in inversion rate, as predicted for these limiting conditions, due 
simply to a 43 per cent increase in C Hl0 * is in good agreement 
with the experiment. It should be pointed out that if the 
dissociation of the acetic acid has been repressed by an addition 
of a strong acid such as hydrochloric acid before adding the neu¬ 
tral salt, the secondary effect will disappear. On the other hand 
if sodium acetate is added, the effect of a neutral salt addition will 
be greater than in the absence of sodium acetate. When a 
common ion is present it is best to solve for the change in stoi¬ 
chiometric dissociation constant K c by a formula like 


K c 


_AlAc 

7h.o + ' /ao- 


and then compute C a , 0 * from K c by successive approximations. 
For the case of a weak acid of the electric type (Z + 1) 

Acid' 2 + 1) ^ Base 2 + H + 


the Debye-Hiickel limiting law gives 

log Kc - log K a - Z B y/ ft (11) 

Since the secondary salt effect is not a true kinetic effect we leave 
the matter with the remark that the dissociation of weak acids 
has been shown in several cases to approach the limiting behav¬ 
ior predicted by equation 11. 
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vi. bjerrum’s derivation, the concentration hypothesis 

Although we shall be obliged later to point out that this simple 
derivation of Bronsted's formula encounters grave objections, 
nevertheless it furnishes an excellent starting point for a dis¬ 
cussion of the role played by activities and concentrations in the 
development of the theory of reaction velocity—the more so, 
since in most current derivations the matter is not clearly stated. 
Bjerrum (8) assumes that the purely physical collision complex 
(S), (Stosskomplex), determines the rate of the reaction through 
a spontaneous monomolecular decomposition induced by thermal 
agitation. Thus, 


A + B (S) —» Ri + Rz + 


( 12 ) 


He assumes that the velocity is directly proportional to the con¬ 
centration of collision complexes, (7 S , at any moment, i.e., 


d t 


* 8^8 


(13) 


The generally valid mass law, in terms of activities, yields for the 
collision equilibrium 


a s 

°A n B 


K a 


or 


c s = • c A c B ■ ^ (14) 

is 

Substituting this value of C s in equation 12, Bronsted’s formula 
follows easily, provided we make no distinction between the 
critical complex, (X), and the collision complex, (S). From an 
experimental point of view, no distinction is possible, at the 
present time, since neither/ x nor/ s can be measured directly; we 
can only predict their ideal values from the total electric charge 
which is identical for X and for S. 

At first sight, equation 13 appears entirely satisfactory; it is 
identical with the classical law and offers a ready explanation for 
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the observation that a radioactive ion decomposes as rapidly 
in a salt solution as in pure water. Accordingly, Bjerrum ad¬ 
vanced the proposition that “the rapidity with which a sponta¬ 
neously reacting molecule (or molecular complex) is transformed 
is independent of whether or not it exists in a place of high or of 
low chemical potential,” to counteract what he believed to 
constitute an unwarranted and indiscriminate substitution of 
activities for concentrations, in rate equations. 

Radioactive transformations are not cogent examples. Such 
transformations are due to the instability of the nucleus for which 
there is a finite probability of decomposition, quite independent 
of any external physical condition (9). This process is situated 
so deeply within the atom that it cannot be affected by changes 
in electric potential produced by the presence of an atmosphere 
of surrounding ions. 

In terms of the theory of the intermediate critical complex we 
should have 

Ra ++ <=i (X) ++ —* decomposition products (15) 

* = • r 1 - k ■ 06 ) 

Jx** 

Since the radium ion and its reactive form, denoted by X ++ have 
identical structures they will have identical activity coefficients. 
The example, although of interest, is incompetent to distinguish 
between the theory of collision complexes and the theory of un¬ 
stable intermediate complexes. 

The incorrectness of the concentration hypothesis may be dem¬ 
onstrated most convincingly by the following pure thermodynamic 
argument. Consider a reversible monomolecular reaction such 
as 

A^Y (17) 

assume the validity of the S formula and the concentration hypoth¬ 
esis (equation 13). Since the mass action law in terms of con¬ 
centrations must now hold, the expression 



constant 


(18) 
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is obligatory. Equation 18 permits of no displacement of the 
equilibrium on changing the properties of the medium. How¬ 
ever, experience teaches otherwise. For example, in the case of 
the equilibrium between two modifications of “Zwitterions,” a 
displacement occurs on the addition of salts, except in the trivial 
case where the two activity coefficients are affected equally. 

vn. bronsted’s derivation 

This argument, due to Bronsted (10), led him to reject the con¬ 
centration hypothesis in favor of the hypothesis that reaction 
velocity is determined by the difference in the potentials of the 
initial and critical states of the reacting system but is independent 
of the potential of the final state of the system. This is equiva¬ 
lent to saying that the rate of reaction depends upon the ratio 
of the activity coefficients of the substances in the initial and 
critical states. 

He bases his argument upon the classical Guldberg and Waage 
kinetics for the dynamic equilibrium represented in the case of a 
bimolecular reaction by: 


fi 

A + B <=s Y + Z (19) 

Vi 

When the reaction is carried out in a medium of constant environ¬ 
ment we may write the component velocity expressions as: 


A * “ ^ ia A a B 

(20) 

fcgCyCjg 1=8 

(21) 


yielding for the equilibrium state where = v 2 


and 


CyC Z 


&2 


K 0 


( 22 ) 


«■<>» k j 

°y°z 


(23) 
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It is permissible to substitute the relative activities, o A ... a% as 
equivalent to the stoichiometric concentrations, C A ... C z , since 
under the stipulation of a constant medium, activity is always 
proportional to concentration. By the assumption of a suitable 
choice of standard state, the relative activities in equations 20 
and 21 may be set equal to the concentrations without affecting 
the values of ft and ft. 

If the medium in which the reaction proceeds is changed, equa¬ 
tions 20 and 21 are no longer valid; a and c no longer exhibit 
linear proportionality. To account for changes in the medium, 
introduce coefficients a and as follows: 

t>] “ kioti ■ C A C B - k l 0,a A a B (24) 

Vt ~~ kiOttC 2 a A 'ipid y ^z (25) 


The coefficients a and 0 vary independently of each other on 
changing the medium, ft and ft continue to be independent of 
concentration. 

The unknown manner in which a and /3 are affected by concen¬ 
tration, makes them appear at first sight to be of little value. 
For the equilibrium state, equation 23 must always be true re¬ 
gardless of concentration changes. By equating the right hand 
members of equations 24 and 25 we obtain 


K a 


kt ' fit 
ki Pi 


( 20 ) 


Consequently, ft always equals ft, which proves that the gen¬ 
erally valid velocity function for a bimolecular reaction has the 
form: 


v ■* kffa A a B (27) 

Completely analogous expressions can be obtained of course 
in terms of the concentrations instead of the activities by equat¬ 
ing the second members of equations 24 and 25. However the 
resulting quantity, K c , is not, in general, independent of concen¬ 
tration on varying the medium. Therefore, a! and a, may vary 
independently of each other, a circumstance which makes them 



192 


VICTOR K. LA MER 


worthless for further development. It emphasizes the usefulness 
of the activity concept. 

Since the two reciprocal systems A + B and Y + Z involve 
substances of entirely different chemical character, they must be 
considered as behaving independently of each other with respect 
to variation in the medium. Consequently, the equality fit - 
fit means that the reciprocal transformations must involve a 
common critical transition state, (X). Therefore, the two kinetic 
processes are to be formulated as 


A + B —> (X) 

(28) 

Y + Z -> (X) 

(29) 


Nevertheless a change in the medium, in which the activities of 
the reacting molecules are held constant, may produce changes 
in the velocity of the two reactions without shifting the point of 
equilibrium. Accordingly, the common fi coefficients are prop¬ 
erties of the critical complex. 

To determine the form 11 of fii restrict equation 27 for simplicity 
to a monomolecular reaction, and write 

V = kpC A f A (30) 

an expression which differs from Bjerrum’s hypothesis (equation 
13) by containing, in addition, the necessary factors fi and / A . 

To elucidate the form of fi consider the familiar diagram shown 
in figure 3, where the ordinates refer to the energy levels of A, 
X and Y which we may take as equivalent to the respective par¬ 
tial molal free energies, F A) F x , F Y - It has been a customary 

4 The presentation departs, at this point, from that given by Bronsted, who 
justifies the transformation of the classical laws simply on the following hypo¬ 
thesis : 

(1) The probability of a molecule or a system of molecules passing from 
ordinary conditions into a state of great improbability varies proportionally 
to the ratio of activity coefficients in the ordinary and improbable state; or, 
identically, 

(2) The probability for a molecule in a very improbable state to pass into 
ordinary conditions is independent of its activity coefficients in the two states. 
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assumption in chemical kinetics that reaction velocity is deter¬ 
mined exponentially by the critical increment of energy neces¬ 
sary to raise the A molecules to the state X; i.e., 

A ^critical “ F X ~ F A 

Introducing the universally valid expression 
F, - RTluC, + RTluf, + FI 



Fig. 3 


we obtain 

" A ^critical “ *Tln ^ + RTln f ± (31) 

or 

p Tn A ^cntical \ C A (30} 

M RT ) C x f x (32) 

Of these two factors, the level of the potential of the A mole¬ 
cule in a given medium with respect to the standard medium is 
measured by the absolute activity coefficient / A , and the reac¬ 
tion velocity will increase proportionally to the / A coefficient if, 
on changing the medium, the 0 factor maintains a constant value. 


CHEMICAL REVIEWS, VOL X, NO 1 
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But as stated above, certainly, the velocity does not depend upon 
the potential of the initial state, alone, but depends more upon 
the difference in level between the initial and critical states. If 

f 

the medium is constant, the ratio J -A is unity and the reaction 

Jx 

proceeds at a rate proportional to C A , since 77 -, being in equi- 

*'X 

librium with A, can be absorbed in the velocity constant, k, 
by introducing an equilibrium constant. Ascribing the changes 
in velocity on changing medium to changes in the critical incre¬ 
ment, Ai^critioi, it is obvious that the velocity must be propor- 

tional to the ratio jA. Consequently, /3 in equation 30 equals 
Jx 

7 L . The argument can be extended to bimolecular or higher 
Jx 

orders yielding equation 3. Bronsted’s formula follows logically 
from principles which have been generally accepted by investiga¬ 
tors in the field of gaseous kinetics. 

VIII. ACTIVITIES VERSUS CONCENTRATIONS—THE EXPERIMENTS 
OF EYRING AND DANIELS 

The question—“should activities or concentrations be em¬ 
ployed in formulating rate equations”—was presented for dis¬ 
cussion at this symposium as a result of the very interesting 
experiments of Eyring and Daniels on the jmonomolecular de¬ 
composition of nitrogen pentoxide in chemically inert solvents. 
These authors ( 11 ) have demonstrated—contrary to earlier less 
precise observations—that the specific velocity constant, k = 
dc 

— has different values in solutions than for the gaseous state. 

Furthermore, k increases perceptibly in the solvents nitromethane 
and carbon tetrachloride with increase in the initial concentra¬ 
tion of N 2 0 6 , although the monomolecular character of the reac¬ 
tion is preserved. Table 2 gives a summary of the results for 
saturated solutions. 

The authors state, “the experimental data in saturated solu¬ 
tions offer an unusually favorable means of distinguishing be- 
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tween the use of total concentrations and activities in reaction 
rate measurements. Neither is completely satisfactory. Crys¬ 
talline nitrogen pentoxide, gaseous nitrogen pentoxide and satu¬ 
rated solutions in the various solvents, are all in equilibrium. 
The escaping tendency of simple N 2 0 6 molecules is the same in 
every case, but the total concentrations in moles per liter are 
widely different. ... If the activity determines the reaction 

rate, the evolution of oxygen per liter should be the 

same in all cases because the escaping tendency is the same in 
all. . . . Such a result would be obtained if the solvated 
molecules did not decompose at all. If the total concentrations 

TABLE 2 


Decomposition of nitrogen pentoxide in solutions saturated with crystalline nitrogen 

pentoxide at 15°C. 

Eyring and Daniels 


SOLVENT 

^sat. 


lMfc - • 10* 

cdf 

Vacuum (gas phase) . 

Nitromethane . 

moles per liter 

0 0102 

4 38 

0 0080 

5 92 

0 79 

1 35 

Carbon tetrachloride. 

4.78 

8.75 

1 83 

Liquid N2O4. 

— 

— 

1.59 


determine the decomposition rate, then the specific reaction rate, 
k, should be the same in all solvents. Such a result would be 
obtained if all the molecules, solvated and unsolvated, decom¬ 
posed at the same rate. Obviously, both these views are in¬ 
complete.” 

The development given in section VII suggests one reason why 
they are incomplete. The simple substitution of the activity of 
nitrogen pentoxide for the concentration of nitrogen pentoxide 
cannot suffice unless the activity coefficient of normal inactive 
nitrogen pentoxide, / N>0 , is identical with that of the activated 
form designated as / Nt0i . in each of the solvents under discus¬ 
sion. Eyring and Daniels propose a different rate of decomposi¬ 
tion for solvated as opposed to unsolvated molecules &s an ex- 
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planation of their results. Without entering upon this question, 
it is important to point out that the tacit assumption of Eyring 
and Daniels that / Nl0 , is identical with / Nl0l * is tantamount to 
assumption that the solubility of the activated molecules rela¬ 
tive to the normal molecules remains unchanged on passing 
from solvent to solvent. In other words, the solutions studied 
are presumed to be saturated to the same degree with respect 
to the activated forms. 

The assumption that / Ra++ is identical with / Ra++ ., regardless 
of the solvent and offered as an explanation for the invariance 
of radioactive decompositions, was justified on the ground that 
any possible activation process in this case would be so deeply 
seated within the atom as to be completely shielded from all 
environmental influences. In the case of nitrogen pentoxide, the 
activation process is conceived as an increase in the (quantized) 
frequency of vibration of the atoms to the point of incipient 
dissociation. The molecular fields surrounding such an activated 
molecule can hardly be identical with those surrounding the 
inactive form. It seems logical to expect differences in the 
relative solubilities of the active and inactive nitrogen pentoxide 
molecules on changing the solvent. 

The explanation offered demands a change in critical incre¬ 
ment on changing the solvent; a variation of 500 calories is suffi¬ 
cient to account for all the data in table 2. Until a theory— 
comparable in its powers of prediction to the principle of electric 
charge types is developed for non-electrolytes—it does not seem 
likely that rate measurements on non-electrolytes will furnish a 
conclusive answer to the question raised at the beginning of this 
chapter, although the experimental results will unquestionably 
prove of great value in leading to a proper solution of the problem. 
Finally, it should be remarked that the assumption that the col¬ 
lision number is unaffected by change in solvent may not be 
strictly true. 

IX. LIMITATIONS IN HIGH VALENCE TYPE MIXTURES 

From their studies on the solubility of (3, —1) type salts, in 
the presfence of salts of high valence types, La Mer and Mason 
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(12) found that the limiting law of Debye and Hiickel was not 
obeyed when the cation of the saturating salt and the anion of the 
solvent salt were of high charge. Figure 4 is taken from their 
paper. In this example the cation of the saturating salt is triva- 
lent. When the anion of the solvent salt is univalent, as is the 
case with potassium nitrate and barium chloride, there is excellent 
agreement with the Debye-Hiickel limiting law. On the other 
hand, when the anion of the solvent salt is bivalent, as, for ex¬ 
ample, in the case of potassium sulfate or magnesium sulfate, 



0.0 0.1 0.2 0.S 0.4 0.5 0.6 0.7 


Fig. 4. Effects of Various Salts upon the Solubility of 

[Co(NH i ).]' n [Co(NH,) s (N0 2 ) 2 C 2 0 4 ] I 8 

the experimental limiting slope in the region of concentration n = 
0.001 is two to three times that predicted by the Debye-Hiickel 
theory. The figure shows that for such high valence type mix¬ 
tures the specific characteristics of the activity coefficient do 
not become negligible for any region of dilution that can be 
investigated with the experimental methods now available. 
These results have been confirmed (13, 14) for other (3, — 1) 
type cobalt ammines and for lanthanum iodate. The anomaly 
may be considered as a general phenomenon whenever the 
product of the charges of the ions of opposite sign is equal to or 
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greater than four. It is not inconsistent with the fundamental 
postulates of the Debye-Hiickel theory, provided a more com¬ 
plete solution of the equation of Poisson and Boltzmann is 
employed as has been demonstrated by La Mer, Gronwall and 
Greiff. Their analysis has demonstrated (15, 16) that the theo¬ 
retical curve frequently passes through a point of inflection in 
its approach to the limiting law, the validity of which is re¬ 
stricted in such examples to extreme dilution. 

If equation 3 is a correct expression for the velocity of an ionic 
reaction, this highly characteristic type of curve should be mani¬ 
fested for the salt effect in reaction velocity studies under similar 
conditions. A closer examination of the experimental data of 
Bronsted and Livingston for the reaction 

[Co(NH s )sBr] ++ + Hg ++ ^ (X) +++ + -> 

labelled (1) in figure 2 where the critical complex is tetravalent 
and the ion of the medium (nitrate), is monovalent, strongly indi¬ 
cates that the experimental limiting slope is considerably greater 
than the theoretical value Z A Z n - 4 which was accepted by the 
authors in their discussion. The discrepancies between equation 
7 and their data may be due to a failure of the activity coeffi¬ 
cients to obey the limiting law and not to experimental error. 

To settle this point, La Mer and Fessenden (17) investigated 
the reaction 

BrCHjCOO* + SjO,— (X)~~ -» 

by introducing the reactants in the form of their calcium, barium 
and magnesium salts. Figure 5 gives the results of their kinetic 
experiments, which prove to be practically identical with the 
characteristic curves obtained for the solubilities of similar 
valence types shown in figure 4. In this reaction the product of 
the negative charge on the critical complex and that on the cat¬ 
ions (Ca ++ , Ba ++ , Mg ++ ) in the medium equals six. The 
results when small amounts of lanthanum chloride are added to 
very dilute solutions of the reactants in the form of their sodium 
salts are shown in figure 6. In this case the product of the charge 
on the critical complex and on the cation (lanthanum) being 
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Fia 5. The Velocity of the Bromoacetate-Thiosulfate Reaction as a 
Function of Concentration, showing the Specific Effects 
of Various Cations 

© Barium; o Calcium; © Magnesium; © Potassium; • Sodium salts 



Influenced by Small Additions of Lanthanum Chloride 
• Sodium salts, o Lanthanum chloride added to lowest concentration of 
sodium salts of reactants. 


Page 199. The ordinate in figures 5 and 6 should read log k + 1, instead of log 
k. In figure 6 the ordinates are 0.25, 0.75, 1.25, and 1 50 instead of 0.3, 0.5, 
0.7, and 0,9. 
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nine, an even greater catalytic effect is produced. Although these 
results limit, seriously, the applicability of equation 7 based upon 
the Debye-Htickel limiting law for extrapolation to infinite dilu¬ 
tion, nevertheless they are to be considered as furnishing one of 
the most decisive confirmations of Bronsted’s velocity equation 
(6) yet obtained. 

x. Christiansen’s theory 

Christiansen (18) develops the theory of bimolecular reactions 
in solution; this theory introduces several new and important 
factors in the mechanism of the salt effect. Only the salient 
features will be presented. 

He points out that Bjerrum’s use of a physical collision com¬ 
plex requires that C s in equation 13 vary but little with the 
temperature, whereas in Bronsted’s development the concentra¬ 
tion of the critical complex would vary exponentially with the 
temperature. There is an important theoretical difference be¬ 
tween the two viewpoints in spite of their formal similarity. 
Christiansen’s treatment focuses attention upon the number of 
collisions between reacting molecules. He thus avoids the 
problem of the concentration of the collision complex, or of the 
critical complex. 

Christiansen proposes that the expression 

_ _ Ql2 

v - CiCiZ la Vr e RTq - p —— (33) 

p + 

generally accepted for gaseous reactions between molecules 1 and 
2 be employed as a more complete expression for solution reac¬ 
tions. Here thejiumber of collisions per second per liter, S Vi , 
equals CiC 2 Zn\/T, where Z u is a characteristic quantity, de¬ 
pending upon the diameters of the molecules, but independent 

of the concentrations Ci and C\. The term e rt results from 
the assumption that two molecules react only when they strike 
each other with such velocities that the resulting kinetic energy 
exceeds the mean kinetic energy for the molecules by an amount 
Q a . The factor Q is introduced to account for spatial orientation 
necessary for a fruitful collision, p represents the probability 
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per second of the spontaneous elementary reaction in the acti¬ 
vated complex and c is the concentration of the various molecules 
present in the immediate neighborhood of the reacting molecules. 
This concentration can be different from the bulk concentration 
in the reacting mixture. 

For gases, it has been emphasized repeatedly that collision 
with a third body is necessary to dissipate the energy liberated 
by the reaction. In solutions the solvent performs this func¬ 
tion. The »j’s are numerical coefficients of such size that the 
sum of their products with the respective local concentrations c ex¬ 
presses the probability per second of deactivation of the react¬ 
ing molecules by surrounding solvent and solute molecules. The 

P 

factor- approaches unity for very small concentrations 

p + 217c 


while for large concentrations it approaches the value 


p 

2r/C 


It 


cannot be evaluated, at present, but suggests that the simpler 
formulas (24, 25) may not always suffice. 

To make equation 33 useful for ionic reactions, consider the 
influence of interionic attraction upon the number of impacts. 
According to the Boltzmann principle the average concentration 
of ion 2 at a distance r from ion 1 is given by 


C 


= C 2 e 


- Ztt 

kT 


<tn 


(34) 


where C 2 is the average concentration in the entire solution of 
ion 2, Z equals valence, and <t>\ equals average electrostatic 
potential at the distance r from ion 1. Christiansen points out 
that although this equation requires that ions of opposite sign 
congregate near one another as a result of electrostatic attrac¬ 
tion, they do not collide with any greater average kinetic energy 
than they would in the absence of electrostatic attraction. This 
is an important principle 5 of statistical mechanics which has not 
been recognized by some more recent workers in this field (19). 


6 For a clear elementary proof see Herzfeld, Kinetic Theory of Gases; Muller- 
Pouillet, Lehrbuch der Physik, Volume III, page 137. (Braunschweig, 1925.) 
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The increased velocity which results when a foreign inert salt 
is added to a reaction between ions of the same sign is due simply 
to the increase in the number of collisions of the reacting ions 
resulting from the local increase in their concentration in the 
neighborhood of the inert ion of opposite sign. This is in har¬ 
mony with the Debye-Hiickel theory of electrolytes. By intro¬ 
ducing Debye’s value for the electric potential 

, s Zi — «r 

* “ e (35 > 

Christiansen obtains, finally, on setting 0 and —- p -- equal to 

p + 2 ,»jc 

unity, an expression which we shall write as 

log k = log k' 0 - r + Z ' Z2 ^ M (36) 

Equation 36 differs from equation 7 only by the term in r repre¬ 
senting the distance (in 10~ 8 cm. units) of closest approach of the 
charges on the two ions at the moment of reaction. For a given 
value of r this term may be included in the constant log k(, since 
it is independent of concentration. Substituting numerical 
values for«, D, k, T, valid for 25°C., we can write 

-i i , . Z\Z% 3.06 

log h ® log fc'- (36a) 

r 

k' 0 represents the velocity constant for infinite dilution, freed 
from all effects due to the net electric charges but not to effects 
arising from electric moments. 

From Christiansen’s treatment we may conclude that the 
velocity of ionic reactions is influenced primarily by the distribu¬ 
tion of the concentrations arising from interionic attraction. 
This means that the local concentration in the vicinity of the 
reacting ions is quite different from the experimentally deter¬ 
mined concentration. On this basis, highly specific changes in 
reaction velocity are to be expected when highly charged ions 
of sign opposite to that of the critical complex constitute the 
environment. Such effects have been observed in the work of 
La Mer and Fessenden reported in the preceding section. 
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It is a source of regret that Ingold’s important extension (20) 
of Bjerrum’s fundamental contribution (21) that the Boltzmann 
distribution law can be successfully applied to the field of reac¬ 
tion velocity came to our attention too recently to be accorded 
the attention which it merits. 

XI. MOLECULAR STRUCTURE AND ORIENTED COLLISIONS 

A. Effects of substitution 

Table 3 gives a summary of the reaction velocity constants 
obtained for the replacement reaction, of type: X-CH 2 COO~ + 


TABLE 3 

Influence of halogen substitution 


SUBSTITUENT IN THE ACETATE ION 

CNS* 

REACTING ION 

so,-- 

8,0,-- 

Cl . 

0 00021 

0 00461 

0 00860 

Br. . 

0 023 

0 454 

0 888 

I. 

0 0323 

0 793 

1 32 


TABLE 4 


Values of table 8 expressed as relative rates of reaction 


SUBSTITUENT 

CNS- 

so,-- 

SjO, 

REACTING 

ION 

Cl 

Br 

I 

Cl . 

1 

22 

41 

CNS- 

1 

110 

154 

Br . 

1 

19 

39 

SOf - 

1 

98 

172 

I . . 

1 

24 5 

41 

S 208 ” 

1 

103 

154 


B— —» B“CH 2 COO _ + X - to illustrate the effects of interchang¬ 
ing the halogen substituent X = Cl, Br, I, in the acetate ion 
when it reacts with the ions B~~ (CNS~, S0 3 “ ~, S 2 0 3 ~ - ). By 
considering the rate constant with the CNS - ion as equal to 
unity, as shown in table 4, the ratios of the velocities for CNS~: 
S0 8 : S 2 Or - are practically the same when reacting with the Cl, 
Br or I derivatives, namely, 1:23:41. In a similar way, by set¬ 
ting the rates of the chloro-substituted ion equal to unity (table 4) 
the ratio of the Cl:Br:I rates becomes about 1:105:155. 
These data are taken from several sources but principally from 
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the papers of Backer and Van Mels (22, 23, 24). They are not 
strictly comparable with one another since in some cases the re¬ 
actants were present as the potassium salts and in other examples 
as their sodium salts at 0.1 molar concentration. In the case of 
the bromoacetate-thiosulfate reaction, the interchange of potas¬ 
sium for sodium as the chemically inert cation brings about a 12 

TABLE 5 


Velocity constants for the reaction of sulfite ion (*S0 3 ) with halogenated fatty acid 

ions at 0 1 M and 25 a C. 


HALOGENATED ION 

Cl 

Br 

I 

Cl Br I 

Acetic 

0 00461 

0 454 

0 793 

1.98.172 

a-Propionxc 

0 000160 

0 0134 

0 0252 

1:84 157 

0 -Propiomc 

0 000532 

0 0205 j 

0 0326 

1:39 61 


TABLE 6 

Velocity constants for (SO A ) ion with halogenated fatty acid ions at 0 1 M 

and 25° C 



Cl 

Br 

I 

Acetate C 2 

0 00461 

0 454 

0 793 

a-Propionate C 3 

0 000160 

0 0134 

0 0252 

Ratio C 2 C 3 

29 

34 

31 


TABLE 7 


Influence of lengthening the carbon chain upon the velocity constants for (S0 3 ) 
ion with at-hromo-substituted acid& 


NUMBER OF CARBON ATOMS 

c 2 

c, 

c 4 

C 6 

Cfl 

k 

0 454 

0 0134 

0 0045 

0 00234 

0 0015 

Ratio 

1 

0 0295 

0 0099 

0 0052 

0 0033 


per cent change in k at 0.2 molar concentration. This is of the 
same order as the discrepancies in the ratios. It is a fair pre¬ 
sumption that measurements in more dilute solutions, where 
specific ion effects are negligible, would exhibit even greater 
regularity for the series of ratios in table 4. 

This simple regularity obtains only when the point of attack 
(X atom) in the molecule is kept at the same (alpha) position 
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relative to the charge on the carboxyl group, as is true in table 6, 
and in table 5 for the comparison between acetic and a-pro- 
pionic acid ions but not for the comparison with the beta 
derivative. 

Table 7 shows the influence of lengthening of the carbon chain 
upon the velocity constant for the reaction between sulfite ion 
and a-bromo-substituted fatty acids. 

B. Relative position of electric charge and point of attack in a reacting 

molecule 

La Mer and Kamner (25) have made an extensive experi¬ 
mental study to determine the cause of the change in reaction 
velocity which occurs when an attackable atom is moved from 
the alpha to the beta position in the ion of a fatty acid series. 
For this purpose, t hey measured, over a wide range of concen¬ 
trations, the velocities of the reactions of the ester-thio type: 


BrCH 2 COOCHj + SAT" -> (S 2 0 3 )CH 2 C00CHr + Br“ (a) 

CHjCHBrCOOCH“ + SA" -> CH s CH(SA)COOCH;r + Br~ (b) 
BrCH 2 CH 2 COOCH3 + SA" -» (SA)CH 2 CH 2 COOCH 3 - + Br~ (c) 
and the corresponding reactions of the ion-thio type: 

BrCH 2 COO~ + SaOj— —> (S 2 0,)CH 2 COO“ + Br~ (d) 

CIIjCHBrCOO- + S 2 0 3 — -> CH 3 CH(S 2 0 3 )C00— + Br" (e) 

BrCH 2 CH 2 COO- + SA~~ — (S 2 0,)CH 2 CH 2 C00— + Br" (f) 


The reactions involve, in each case, the replacement of a bromine 
atom by a thiosulfate ion. By comparing the results of the 
ester-thio types with those of the ester-ion types they ascertain 
the Influence which the presence of an electric charge exerts on 
the reaction velocity as a function of its position relative to the 
bromine atom which is replaced by the thiosulfate ion. 

The ester-thio reactions belong to Bronsted’s zero type reac¬ 
tions so that the velocity should not change appreciably with 
change in total ionic concentration. This proves to be the case. 

The ion-thio reactions belong to the type A - + B _ ~ (X)— 
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—>R. Figure 7 illustrates that in the case of the a-brominated 
ion the concentration dependence is in accord with the limiting 
requirements of equation 7 as has been proved many times for the 



Vm* 


Fio. 7. a - B e o m o p r o p i o x a t e Ion and Thiosulfate Ion 



Fia. 8. /S-Bromopropionate Ion and Thiosulfate Ion 


bromoacetate-thiosulfate reaction (figures 2 and 5) when car¬ 
ried out in the presence of sodium and potassium ions (26, 27, 17). 
The /3-bromopropionate-thiosulfate reaction, (/), gives the sur- 
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prising result illustrated in figure 8; namely, that the experimental 
limiting slope is of the opposite sign from that predicted for the elec¬ 
tric charge type. This interesting and important contradiction 
of Bronsted’s theory will be interpreted in part C of this section. 

Several significant conclusions can be drawn from the data of 
La Mer and Kamner given in table 8, valid for an ionic strength 
of ju = 0.01. For the ester-thio type reaction, the rate decreases 
in the order bromoacetate, a-bromopropionate, and 0-bromopro- 
pionate, in accord with experience that the alpha position is more 
reactive than the beta position. This generalization is reversed 
when both reactants are charged; the /3-bromopropionate ion re¬ 
acts thirty times more rapidly with thiosulfate ion than does 

TABLE 8 


Velocity constants for the reactions between the sodium salts of the brominated fatty 
acids (and methyl esters ) and sodium thiosulfate at 25°C. 
for a concentration of «■ 0.01 



ABSOLUTE VALUES 
OF k 

BELATIVB VALUES OF fc 



Ester- 
thio type 

Ion-thio 

type 

Ester- 
thio type 

Ion-thio 

type 

Ester 

type 

Ion 

type 

Fatty acid: 

Bromoacetic 

14 00 

0 375 

1 

1 

1 

0 027 

a-Bromopropionic . 

0 24 

0 0027 

0 017 

0 0072 

1 

0 01 

/3-Bromopropionic 

0 03 

0 080 

0 002 

0 21 

1 

2 7 


the a-bromopropionate ion. The reversal was predicted by the 
authors from electrostatic principles, since the number of colli¬ 
sions which the thiosulfate ion makes with the bromine atom is 
less in the alpha position than in the beta position as a result of 
the repelling action of the charge on the carboxyl group. 

In considering the transition from the ester-thio to the ion- 
thio type reactions it should be noted that the rate decreases one 
hundred fold for the alpha derivative whereas it increases 2.7 
fold for the beta derivative! An entirely analogous behavior 
was observed when the ion-thio reactions were carried out in 
media having pH values varying from 6.5 to 3. The dissociation 
constants of these fatty acids is of such an order that at pH = 3 
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they exist, for the most part, as neutral undissociated molecules 
so that the reaction is transformed to the zero type. The veloc¬ 
ity constant of the alpha reaction is increased sharply upon pas¬ 
sing to an acid solution while that of the beta reaction is de¬ 
creased, but less markedly. The velocity curves for this change 
in pH have the general form of dissociation residue curves, as 
required by the explanation offered. 

That the magnitude of the effect of transition from the ester- 
thio to the ion-thio reactions depends upon concentration is 



Fig. 9. I, «-Bromopropionic Acid; II, Bromoacetic Acid; III, 
0-Bromopropionic Acid 


illustrated in figure 9, plotted from the data given in table 9. 
The increased reactivity of the beta ion as compared to that of 
the alpha ion was observed, but not interpreted, by Backer and 
Van Mels (22) for the reaction of sulfite ion with chloro-, bromo-, 
and iodo-propionates. Table 10 gives their results (in the pres¬ 
ence of potassium ion), at 0.1 molar concentration (vV = 0.63). 
Their alpha to beta ion reactivity ratio is smaller than that ob¬ 
served by La Mer and Kamner owing to the fact that the measure¬ 
ments of Backer and Van Mels were confined to the high con¬ 
centration of vV = 0.63. 
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According to equation 36 the decrease in ion rates over ester 
rates should be accounted for by the term 

Z|Z** 1 Z.Z* 3.06 . 

2.3 DkT r r ( 


TABLE 9 


The dependence of the ratios of the velocity constants of the thiosulfate reaction on 

concentration 


v£ 

0 00 

0 05 

0 10 

0 20 

0 30 

0.40 

0 50 

£ fBromoacetate 

^ \ a-Bromopropionate 


(58) 

46 

40 

32 

26 

23 

20 


(131) 

102 

81 

53 

42 

36 

34 

fcaaitj ^-Bromopropionate 

heater T . . . 

- a _ Bromopropionate 




0 4 

0 9 

1 4 

1 9 

2.2 
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58 5 

28 9 

19 7 

15 7 

/3-Bromopropionate 

k» alt 

kunit /S-Bromopropionate 




32 2 

9 1 

4 8 

3 5 

3 0 

fcaait a-Bromopropionate 






k» ait /3-Bromopropionate 




0 25 

0 08 

0 04 

0 03 

0 02 

&«ait Bromoacetate 




TABLE 10 


Reaction of sulfite ion with chloro bromo-, and iodo-propionates 



*« 


RATIO a 0 

Chloropropionate, . . 

0 000160 

0 000532 

1:3 3 

Bromopropionate. .. , 

0 0134 

0 0205 

1:1.5 

Iodopropionate. 

0 0252 

0 0326 

1:1 3 


where r is the distance of closest approach of the charges at 
the moment of chemical reaction. It is only in the cases of 
the «-bromopropionate and bromoacetate reactions that the 
velocity constant obeys the Debye-Hiickel limiting formulas 
well enough to have confidence in the extrapolation to infinite 
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dilution using equation 7 to evaluate log k 0 , so that we may em¬ 
ploy the equation 




(37) 


The limiting values of this ratio are given in table 9 and figure 9; 
the value 131 for a-bromopropionic acid corresponds to an r 
value of 2.88 A, (using equation 37); the ratio for bromoacetate 
is 58 and gives an r of 3.47 A. Both values of r are plausible. 


C. Orientation in ionic reactions 

The introduction of the limiting forms of the Debye-Huckel 
theory employed in deriving equation 7 and Christiansen’s 
equation (36) rests upon the validity of the simplifying assump¬ 
tion, necessary for mathematical development, that the charges 
on the ions may be considered as symmetrically distributed upon 
spheres of radius b. This assumption appears to be sufficiently 
valid to account for the bromoacetate and a-bromopropionate 
data. It can hardly be considered a valid assumption for the 
collision between a thiosulfate ion and a 0-bromopropionate ion 
if we are to accept the structural formulas of organic chemistry as 
representing even the approximate positions of the bromine atom 
and the charge on the carboxyl group. The models of organic 
chemistry require an orientation effect, superimposed upon the 
effects predicted for spherical ions. 

La Mer and Kamner advance orientation as the explanation 
of the concentration dependence of the velocity of the 0-bromo- 
propionate-thiosulfate reaction shown in figure 8 and for the 
increased velocity which a charged beta ion exhibits over an 
uncharged beta molecule. Christiansen considered the possible 
influence of orientation, but expressed the opinion that in solu¬ 
tions it would probably prove to be of less importance than that 
of deactivating collisions. 

That a molecular model consisting of a spherical and a non- 
spherical ion of like sign with the point of attack at a great dis¬ 
tance from the electric charge on the non-spherical ion should 
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lead to a decreased velocity with increased ionic concentration 
may be demonstrated as follows: 

Consider the extreme case of a volume of solution containing 
only one thiosulfate ion and one 0-bromopropionate ion. Col¬ 
lisions will be very infrequent but, when they do occur, the 
probability that the bromine end will collide with the thiosulfate 
owing to the repulsive effect of the negative charges on the two 
ions is at a maximum. Practically every collision having a 
velocity sufficient to exceed the critical increment should, there¬ 
fore, be fruitful. As we pass to slightly more concentrated solu¬ 
tions, the rapidly fluctuating fields produced by the thermal 
movement of the neighboring ions will disturb the ideal orienta¬ 
tion of the collisions that prevails at extreme dilution. Many of 
the collisions predicted by the term C\ ■ C B in the rate equation 
(3) dx/d t = k-C A -C B will no longer occur with an orientation 
represented as lying within the critical solid angle necessary for 
chemical reaction. The result will be a decrease in the value of 
the velocity constant with increasing concentration which will be 
most pronounced in the highly dilute region. This effect for 
non-spherical ions is not adequately taken care of by the factor 

/a/b /fx- 

XII. SUMMARY 

1 . A critical presentation of the derivations and theory under¬ 
lying the primary kinetic salt effect is given. 

2 . The problem of substituting activities for concentrations in 
rate equations is discussed. 

3. The customary limiting form of Bronsted’s theory, based 
on the Debye-Hiickel limiting law for activity coefficients, fails 
for high-valence type mixtures in highly dilute solutions. This 
failure, however, does not represent a contradiction of the theory 
of reaction velocity. 

4. The influence of substitution and molecular architecture is 
discussed. Orientation is a factor that must be considered in 
the velocity of reactions involving long chain type molecules. 

It is a pleasure to acknowledge the assistance which Miss 
Mildred Kamner has given in the preparation of this review. 
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Catalytic studies have played an important role in the develop¬ 
ment of the theories of solution and of acids and bases. It was 
not, however, until the publication of the paper by Bronsted (1) 
dealing with the effect of the concentration of electrolyte upon 
reaction rate that rapid progress began to be made in the field of 
acid and basic catalysis. 

An acid was commonly regarded as a substance which gave 
hydrogen ions (H 3 0+) to aqueous solution, a base as a substance 
which gave hydroxyl ions. In 1923 there was put forward inde¬ 
pendently by Bronsted (2) and by Lowry (3) a new concept of 
acids and bases, according to which an acid is a substance which 
can split off a proton or unsolvated hydrogen ion, and a base a 
substance which can take up a proton to form an acid. Thus 

A^H+ + B 
Acid Base 

REACTIONS EXHIBITING GENERAL ACID OR BASIC CATALYSIS 

The new concept was soon verified experimentally. In study¬ 
ing the decomposition of nitramide in aqueous solution, a reaction 
extremely sensitive to hydroxyl ions, Bronsted and Pedersen (4) 
found that in a series of acetate-acetic acid buffer solutions the 
rate of reaction was proportional to the concentration of acetate 
ion and independent of the hydroxyl-ion concentration. Simi¬ 
larly the anions of other acids were shown to catalyze the decom¬ 
position, the catalytic effect of the anion decreasing with increase 
in the strength of the corresponding acid. The relationship 

fcbtfA 083 - 6.2 X 1(T 5 or fcb - 3.2 X ICf* 
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where k b is the catalytic constant, K A is the dissociation constant 
of the corresponding acid, and K B is 1 /K k , was found to hold 
exactly for the anions of monobasic carboxylic acids, and also for 
the anions of polybasic acids if a so-called statistical correction 
was made. The statistical correction will be discussed later. The 
catalytic effect of primary amines on the decomposition of nitr- 
amide was demonstrated by Bronsted and Duus (5). For these 
catalysts the relationship 

kb - 1.7 X lCT" A'b°' ?5 

was found valid. Bronsted and Volqvartz (6) studied the decom¬ 
position of nitramide catalyzed by hydroxo ion bases of the type 
of the ion 

r OH 1++ 

|_Co (NH s ) 6 J 

formed by action of the corresponding aquo ion with water 

r h 2 o i +++ r oh >+ 

„ /XT „ , + H 2 0 I , TTT , + H«0 + 

|_Co (NH,) 6 J |_Co (NH 3 ) s J 

Acid 1 Base 2 Base 1 Acid 2 

Their data conform to the equation 

k b - 0 O83Ab 0 " 

or, when statistical corrections are made, to the equation 

&b( corr ) = 0.0045 Ab° 8 ‘ 

Dawson and his coworkers (7) have shown that the reaction 
between acetone and iodine in aqueous solution exhibits general 
acid and basic catalysis. If for all the acid catalysts studied one 
plots the logarithm of the catalytic constant 1 against the logarithm 
of the dissociation constant, one obtains the distribution of circles 
shown in figure 1. And if for all the basic catalysts one plots the 
logarithm of the catalytic constant against that of the dissociation 
constant of the corresponding or “conjugate” acid, one obtains the 

1 The value for the catalytic constant of the bisulfate ion is that calculated b> 
Rice and Urey (J Am. Chem. Soc. 52, 95 (1930)). 
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distribution of squares shown in the figure. The slopes of the 
lines drawn are 0.36 and —0.58, respectively. From the plot, 
which covers a range of 18 powers of 10 in the dissociation con¬ 
stant, it appears that a roughly linear relationship may be 
expected between the logarithms of catalytic and dissociation 
constants. For catalyzing acids of the monobasic carboxylic type 
an exact relationship between catalytic effect and acid strength 
can be formulated (8). In figure 2 the logarithm of the catalytic 



constant is plotted against the logarithm of the dissociation con¬ 
stant for the acids from propionic to dichloroacetic. The line in 
figure 2 corresponds to the equation 

fc. = 0.0050 Ka M 

The mutarotation of glucose furnishes another instance of 
general acid and basic catalysis. Bronsted and Guggenheim (9) 
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determined the catalytic effects of a considerable number of bases 
of diversified types, and the catalytic effects of several monobasic 
carboxylic acids. They plotted their values in the way in which 
those for the acetone-iodine reaction are plotted in figure 1, and 
concluded that one could predict the catalytic effect, correct to 
one power of 10, of any acid or basic molecule or ion from a know¬ 
ledge of its acid or basic strength. 

The existence of general acid catalysis in the hydrolysis of ethyl 
orthoacetate, ethyl orthopropionate and ethyl orthocarbonate was 



bo© K a 

|« PROPIONIC p-CKLOROPROPlONIC «"■ CHLORO ACE TIC 

2 * ACETIC Mm OLYCOLLIC fc * ©I CHLO AO ACETIC. 


Fig. 2. The Acetone-Iodine Reaction 


demonstrated by Bronsted and Wynne-Jones (10). For any one 
of the three reactions, the relationship between the logarithms of 
the catalytic and dissociation constants was found to be roughly 
linear, the exponent x in the equation. 

K = G l K A x 

being appreciably greater than that found in the case of the muta- 
rotation of glucose. Bronsted and Wynne-Jones point out that as 
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x approaches unity it becomes increasingly difficult to detect the 
effect of acids other than the hydrogen ion, H s O + . They also 
point out that if on the other hand x is zero, all catalytic constants 
become the same, which means that if the solvent is an acid its 
effect predominates over all other catalytic effects, since it is 
present in greatest amount. As a criterion for the detectability of 
general acid and basic catalysis they suggest the following: “If in 
a reaction catalyzed by hydrogen or hydroxyl ions there is a 



Loo of Acid Strength 

I-HjO* * » frlYCOll.lt S » CHLOROfcCrTIt 7*/>REf CAC YllC 

2* ACETIC M » P0RMI6 tai'l.f-DtanraSNZOIC 9 • TA.ICAABAUYUC Q» RESULTS OF TAftUE 


Fig. 3. The Dissolution of Magnesium in Acids 

detectable but not too large 'spontaneous' reaction, then the 
conditions are favorable for the detection of effects by acids and 
bases in general.” 

The hydration of acetic anhydride is a reaction which is 
catalyzed by hydrogen and hydroxyl ions, and which proceeds at a 
measurable rate in water alone. Kilpatrick (11) found that the 
hydration was accelerated by basic anions, but that the order of 
acceleration was not that of basic strength. 
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It was found by Miller and Kilpatrick (12) that the decomposi¬ 
tion of diacetone alcohol, known to be catalyzed by the hydroxyl 
ion, is catalyzed by other bases also. Miller and Kilpatrick 
determined the catalytic constants of ammonia and three amines. 

As Kilpatrick and Rushton (13) have shown, when magnesium 
dissolves in a solution of a weak acid the great part of the reaction 
is with the molecular acid rather than with the hydrogen 
ion. When the logarithms of the velocity constants are plotted 
against those of the dissociation constants of the reacting acids 
(figure 3) there appears the same approximately linear relationship 
which exists in the cases of acid and basic catalysis cited. The 
study has been extended to amalgams of the alkali metals; these 
also react with acids other than the hydrogen ion (14). 

In solvents such as water and alcohol the catalytic effect of an 
acid is made up of the effect of the “hydrogen ion,” formedby 
action of the acid with the solvent, and of the effect of the mole¬ 
cular acid. The former often obscures the latter. In inert media 
like benzene, where there is no action with the solvent, acid 
catalysis should be simpler. Bronsted and Bell (15) studied a 
number of reactions of diazoacetic ester in benzene solution. 
Acids react with the ester according to the equation 

CHN 2 COOC 2 H 6 + HX -> N 2 + CHjXCOOCaHe (I) 

In the absence of acid there is no detectable reaction between 
diazoacetic ester and phenol; in the presence of acid, there occurs 
the reaction written above, and also 

CHN 2 COOC 2 H e + CeH 5 OH N 2 + C,H s OCH 2 COOC 2 H s ( 2 ) 

Having determined the velocity constant of reaction 1, Bronsted 
and Bell were able from the observed velocity constant of the com¬ 
plex reaction to evaluate that of reaction 2, which they found pro¬ 
portional to the concentration of acid. The catalytic constants 
for the substituted acetic acids which catalyze reaction 2 stand 
in the order of the dissociation constants of the acids in water; 
in fact they satisfy the equation 


K = G,X A ' 
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where x is one. Picric acid also catalyzes the reaction between 
diazoacetic ester and phenol in benzene solution; its catalytic 
constant, however, is much smaller than would be expected. 
The conclusion drawn by Bronsted and Bell is that in a solvent of 
low dielectric, where the structure of the acid molecule is of 
greater influence than in water, the equation relating catalytic and 
acid strength may hold for acids of the same chemical type only. 

THE EQUATION RELATING CATALYTIC AND ACID OR BASIC 

STRENGTH 

The equation relating catalytic and acid strength was proposed 
by Bronsted (16) on the basis of the following considerations. 
The dissociation process of an acid, in which a proton is given to a 
molecule of solvent, is similar to the catalytic process, in which a 
proton is given to a molecule of reactant. It is therefore to be 
expected that the catalytic constant k a is more closely related to 
the velocity constant of dissociation k A iss than it is to the equilib¬ 
rium constant of the dissociation. According to the Arrhenius 
equation 

T. __ T> *“-&Hs8 /RT 
fa di*» — 6 

where E dl „ is the energy of activation of the dissociation process, 
and 

, D -Mr 
K = B e 

where E* is the energy of activation of the catalytic process. 
Hence 


t n, -(Ei-Eu.,)/RT 

fa&/ rCdiBB 83 € 

If from the analogy between the two processes it may be inferred 
that the difference between the energies of activation is, for a given 
reaction in a given medium, independent of the catalyst, at any 
temperature /c a is proportional to k A . 

The equilibrium constant of the dissociation process is equal to 
the ratio of the velocity constants of dissociation and association 


K\ — fci IBS /^aaa. 


(3) 
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If the assumption be made that for a series of analogous acids 
increase in K A is brought about by a simultaneous increase in k<n a ,. 
and decrease in /b ttss ., it follows that from one acid to another K A 
will change more rapidly than /c dl s». and k M ,.. This is expressed 
by the equation 

fed,.. - GK A (4) 

where G is a constant and x a proper fraction. Introducing the 
proportionality between k & and k iM ., 

K - GiK a x ^ 

For basic catalysis the relationship is derived in the same manner, 
on the assumption that the catalytic process is analogous to the 
association process. The resulting equation is 

k{ J K A ~ x = Gi or k b - GiKb~ x ( 6 > 


where K B = 1 /K A . 

The development thus far given applies to acids having one ion- 
izable hydrogen atom and to bases having one point at which a 
proton can attach itself, i.e., acids of the type of phenol and bases 
of the type of the phenolate ion. For more complex types a 
statistical correction must be made (17). Let us compare the 
acids phenol and hydroquinone, and for the time being consider 
only the first dissociation of hydroquinone 

/OH /£)- 

C 6 h/ - C,h/ + H+ 

\)H X)H 

For equal fixity of the ionizable hydrogen atoms in the two acid 
molecules, twice as many protons leave the hydroquinone mole¬ 
cule in unit time as leave the phenol molecule, whereas in each 
case the chance of union of a proton with the basic molecule is the 
same. That is to say, if we wish from the dissociation constants 
of the two acids to estimate the relative fixity with which the 
hydrogen atoms are held, we must compare the dissociation con¬ 
stant of hydroquinone with twice that of phenol. Considering 
now the second dissociation of hydroquinone 
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C„H,/° 

X 0H 

and the dissociation of phenol, for equal fixity of the ionizable 
hydrogen atoms the same number of protons leave each acid 
molecule in unit time, but there are twice as many chances of 
combination of a proton with the basic molecule in the case of 
hydroquinone, as there are in the case of phenol. Therefore we 
should compare the second dissociation constant of hydroquinone 
with one-half the dissociation constant of phenol, if we wish to 
estimate the relative fixity of the hydrogen atoms in the two acid 
molecules. Letting p represent the number of ionizable hydrogen 
atoms in the acid molecule, and q the number of points at which a 
proton may be attached in the molecule of the conjugate base, 

K A = p/qK Aa (7) 

where Ka q is the dissociation constant of a hypothetical acid in 
which the hydrogen atoms are held with the same firmness as in 
the acid under consideration, but for which p — 1 and q = 1. 
Therefore, as far as the influence of firmness of attachment of the 
hydrogen atoms is concerned, for the more complex types equa¬ 
tions 5 and 6 become 

h = Gi {q/pKxY and A: b - Ga (p/qK B Y~ x (8) 

If in addition, however, the catalytic effect of an acid is propor¬ 
tional to the number of ionizable hydrogen atoms, and that of a 
base to the number of points at which a proton may be attached, 

k A «* pk &o and k b = qkb Q ( 9 ) 

where k ao and k ha are the catalytic constants of the acid A 0 and the 
base Bo, respectively, having q = p = 1. The original equations, 
which for clearness might have been written 



K - GnK A ; 
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now become, by substitution from equations 7 and 9, 

K “ GiK,\q x p l ~ x and 

k b = GiK-B~ z q x p l ~ x ( 10 ) 

The selection of the values of p and q is somewhat arbitrary. 
For example, for the ion RCOO" the assumption is made that q 
is two, i.e., that the two oxygen atoms are equally available to the 
proton; similarly for the P0 4 — ion it is assumed that q is four; 
for the HP0 4 __ ion, that q is three. It is assumed that for the 
NH 4 + ion p is four, i.e., that all four hydrogen atoms are equally 
ionizable; for the H 3 0+ ion, that p is three; presumably for an 
acid such as 2,5-dihydroxybenzoic acid 


COOH 



that p is three.' 

If this derivation of the relationship between catalytic effect 
and acid or basic strength were complete, it would be expected 
that the exponent x or 1 — x would remain constant, for a given set 
of catalysts, from reaction to reaction. For the catalysis by the 
anions of monobasic carboxylic acids, Bronsted and Pedersen 
found the exponent to be 0.83 in the decomposition of nitramide, 
while Bronsted and Guggenheim found 0.34 in the mutaro- 
tation of glucose. Similarly Bronsted and Wynne-Jones found 
higher values of a: for the acid catalysis of the hydrolysis of the 

2 Certain inconsistencies appear in the application of the statistical correction. 

In making the statistical correction for the anions of monobasic carboxylic and 
of polybasic acids, Bronsted and Pedersen used formula 8 and employed p/q ratios 
which differ from those given in a later publication (16). 

Brbnsted and Duus made no statistical correction in their study of the decom¬ 
position of nitramide catalyzed by bases of the type of aniline. 

In their study of the catalysis by the hydroxo ion bases, Bronsted and Vol- 
quartz made the statistical correction by plotting log Ka — log p against log kb in 
accordance with equation 10 

The equations given for the relationship between catalytic constant and basic 
strength in the decomposition of nitramide catalyzed by the three types of bases 
are, therefore, not strictly comparable. 
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ortho esters, than found by Bronsted and Guggenheim for the acid 
catalysis of the mutarotation of glucose. Other examples can be 
cited. It must be accepted that the exponent varies from reaction 
to reaction, and that accordingly there is an effect of the sub¬ 
strate for which the present theory does not account. 

It is to be observed that in the decomposition of nitramide the 
hydroxo ion bases are far more powerful catalysts than are the 
amines or the anion bases of the same basic strength. If the 
analogy between the catalytic process and the association process 
of a base is justifiable, this condition is to be expected. The 
association involves a reaction between the base and a positively 
charged hydrogen ion; the catalytic process involves a reaction 
between the base and an uncharged molecule. If the catalytic 
effects of bases B and B ++ are the same, their tendencies to take 
up a proton are the same, but owing to the repulsion between the 
positively charged base and the hydrogen ion the rate of associa¬ 
tion is less in the case of B ++ than in the case of B. Conversely, 
for equal rates of association (equal basic strength), a greater 
catalytic effect is to be expected in the case of the positively 
charged base than in the case of the uncharged. The assumption 
is made that for bases of different type as well as for bases of 
the same type equal rates of association mean equal basic strength. 

THE TEMPERATURE COEFFICIENT 

Although considerable effort has been devoted to the detection 
and study of reactions showing general acid and basic catalysis, 
little is known of the change, with change in temperature, of the 
rates of the catalyzed reactions. In the case of a reaction 
catalyzed by acids HAi, HA 2 , .... and by bases Ai, A 2 , . . . 
it is unlikely that the energies of activation E HA „ E UAi , .... 
E^ E kl , .... are all equal. It is, therefore, to be expected 
that the relationship between catalytic strength and relative acid 
or basic strength would change with change in temperature. 

It is generally accepted that, in ester hydrolysis, the tempera¬ 
ture coefficient of the hydroxyl-ion catalyzed reaction is lower 
than that of the hydrogen-ion catalyzed reaction. The same is 
probably true of the hydrolysis of the amides, in spite of the dis- 
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crepancies between the experimental results of different workers. 
In the case of the hydration of acetic anhydride Kilpatrick (11) 
estimated from the velocity constants of Szab6 (18) at 18°C., and 
his own at 0°C., that for the reaction in water alone 

h ,B /ko° = 3.6 

and for the catalysis by the acetate ion 

fcAc 18 A'Ao° - 2.6 

The heat of activation of the reaction between acetone and iodine, 
catalyzed by the hydrogen ion, is 20,540 cal. (19). From the 
experimental results of Rice and Lemkin (20), Rice and Urey (21) 
concluded that the heat of activation of the reaction between 
acetone and iodine, catalyzed by the bisulfate ion, is smaller by 
several thousand calories. 

The authors (22) have recently made a study of the tempera¬ 
ture coefficient of the mutarotation of glucose (a) in water alone, 
(b) catalyzed by pyridine, (c) catalyzed by the acetate ion, and ( d ) 
catalyzed by the hydrogen ion. In the list are three basic 
catalysts—water, the acetate ion, and pyridine—and two acid 
catalysts—water and the hydrogen ion. Experiments were 
carried out ar 0°, 20° and 25°C. In figure 4 the logarithms of the 
catalytic constants are shown plotted against the reciprocal of the 
absolute temperature. Included on the plot are the results of 
Bronsted and Guggenheim at 18°C. The slopes of the lines in fig¬ 
ure 4, multiplied by 4.574, give the values of the heat of activation 
listed in the following table. 

Heats of Activation 

Catalyst .... . Hydrogen ion Acetate ion Pyridine Water 

Heat of activation ... 19,300 19,100 18,000 17,600 

It has been pointed out that for reactions showing general acid 
or basic catalysis a linear relationship may be expected between 
the logarithm of the catalytic constant and the logarithm of the 
dissociation constant of the catalyzing acid or base. Since no 
reaction has been examined at several temperatures with sufficient 
thoroughness, it is not known whether the slope of the line ob- 
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tained by plotting the logarithm of the catalytic constant against 
that of the dissociation constant changes with temperature, or not. 
Assuming that the changes in the dissociation constants with tem¬ 
perature are small, one sees that if the heats of activation for the 
different catalysts are the same, the slope of the line remains 
constant, and that if the heats of activation change regularly with 
the acid or basic strength of the catalyst, the slope changes with 
temperature. If, in the mutarotaticm of glucose, pyridine, the 



l/T 

0, H »° 4 i □ . pyridine v . acetate i 0, WATER 


Fig. 4. The Mutarotation of Glucose 

acetate ion and water can be regarded as representative basic 
catalysts, and the hydrogen ion and water as representative acid 
catalysts, little change in the relationship between catalytic 
strength and relative acid or basic strength is to be expected with 
change in temperature. 

SUMMARY 

A number of reactions in solution are now known which exhibit 
general acid or basic catalysis, i.e., catalysis by acids other than 
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the hydrogen ion, or by bases other than the hydroxyl ion. In 
most cases the relationship between catalytic effect and strength 
of the acid catalysts is represented by the equation 

K = GxK k x 

and the relationship between catalytic effect and the strength of 
the basic catalysts by the equation 


fcb = GtKs, v 

The equations hold roughly over a range of many powers of 10 
in A' a in the mutarotation of glucose, the acid hydrolysis of the 
ortho esters, the acetone-iodine reaction, and the dissolution of 
magnesium in acids. For a series of catalysts of the same chemi¬ 
cal type the equations have been found in a number of instances 
to hold exactly. 

These equations were proposed by Bronsted on the assumption 
that the process of acid catalysis is analogous to the dissociation 
process of an acid, and that of basic catalysis to the association 
process of a base. Experiment shows that for a given series of 
catalysts the exponent varies from reaction to reaction, whereas 
according to the theoretical development constancy is to be 
expected. There is therefore an effect of the substrate for which 
the theory does not account. 

Little is known of the temperature coefficients of the catalytic 
processes in reactions showing general acid or basic catalysis. 
An appreciable difference appears to exist between the heat of 
activation of the hydration of acetic anhydride in water alone, and 
the heat of activation of the hydration catalyzed by the acetate 
ion. Between the heats of activation of the acetone-iodine 
reaction catalyzed by the hydrogen and by the bisulfate ion there 
is a difference of about 15 per cent. A study of four catalytic 
processes in the mutarotation of glucose yielded values of the heats 
of activation ranging from 17,600 cal. for the water reaction to 
19,300 cal. for the hydrogen-ion catalyzed reaction. 
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A discussion of the relation of statistical mechanics to the prob¬ 
lems of the kinetics of reactions in liquid solutions seems very- 
timely. By bringing together what has been accomplished and 
by showing as clearly as possible which conclusions come from the 
theory and which from extraneous assumptions, the author hopes 
to smooth somewhat the way for further advances. In his opin¬ 
ion the three great advances in the theory of reaction rates in 
liquid solutions have been the classical law of mass action, the 
theory of the temperature coefficients of reaction rates, and the 
theory of Bronsted (1). The hist two are discussed in every 
textbook of physical chemistry and are so familiar that no refer¬ 
ences need be given. For theoretical purposes the first, may be 
considered as a special case of the third, and the second should 
be considered as a problem in gaseous reactions. So we shall 
be concerned largely with the relation of statistical mechanics 
to Bronsted’s theory. 

Before applying statistical mechanics we must picture the 
conditions necessary for a chemical reaction. We may say that 
molecules react if they approach within a certain distance, with 
a certain relative orientation, and with a certain amount of energy 
distributed in a certain way (or with a definite deformation of the 
molecules). Each of these conditions should be considered as 
extending over a small range of the corresponding coordinates. 
It is possible that the molecules must remain in this state during 

1 Contribution No. 277 from the Research Laboratory of Physical Chemistry, 
Massachusetts Institute of Technology, Cambridge, Massachusetts. 

229 



230 


GEORGE 8CATCHARD 


a very short but finite time necessary for reaction. There is also 
a possibility that there are two or more states, quite different in 
some respects, which lead to the same reaction. These conditions 
seem general enough to cover all cases. If the approach of the 
molecules follows the reception of energy and the deformation 
and orientation, there is a “reaction on collision”; if the approach 
precedes any of the other steps, there is a “preliminary complex 
formation.” Much has been written (2, 3) on the question 
whether this reacting state or complex is to be regarded as a “physi¬ 
cal constellation” or as a “chemical compound.” The distinction 
seems to the author to be quite unimportant and dependent 
entirely upon the language with which we define a chemical com¬ 
pound. It seems equally unimportant whether the rate be cal¬ 
culated from the concentration of reacting complexes (2) or 
from the number of collisions with the necessary orientation and 
energy multiplied by a factor for the duration of a collision (4). 

We know that for reactions slow enough to give measurable 
rates the reacting state is a very improbable one. We must as¬ 
sume that it differs only slightly from other states whose total 
probability is very much greater than that of the reacting complex 
and which are in statistical equilibrium. We may then treat the 
reacting complex as though it also were in equilibrium. This is 
the one general assumption which might be questioned. 


THE THEORY OF BRONSTED 

The above picture of a reacting complex seems to the author 
identical with the “critical complex” of Bronsted (1), and we may 
derive his theory directly from this picture and the postulate 
that statistical equilibrium and thermodynamic equilibrium are 
the same. The theory states that the rate of reaction at con¬ 
stant temperature is proportional to the product of the activities 
of the reactants divided by the activity coefficient of the critical 
complex. We will take as example the simple reaction 

A + B —> (X) —» D + E 


d t 


K'C X 




44 

4 


( 1 ) 
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white c means concentration, / activity coefficient, and the sub¬ 
set refer to the substances in the reaction above. If there be 
m$fe than one reacting complex which leads to the same reaction, 
thoff may all be grouped as a single critical complex. This might 
complicate the calculation of / x , but it should give no other 
diUculty. 

Bronsted (lb) further concludes that the constant K may be 
chadded into two factors, thus, 

K = K,K m 

the first of which depends only on the reaction and the sec¬ 
ond only on the medium. It seems to the author impossible that 
there should be any constant which is the same for all reactions 
which is not also the same for all media. As illustration let us 
consider a catalyzed reaction. It is only a matter of convenience, 
although one of enormous convenience, that we consider the 
catalyst as one of the reactants. Equation 1 must be equally true 
if the catalyst is not included, provided that the activity 
coefficient/ x is properly expressed. One might, of course, prefer 
to express the catalytic effect in K m . However, we know that 
catalytic effects, although the same for a reversible reaction in 
both directions, are not the same for all reactions. Therefore, 
it seems much more logical to consider K a function only of the 
reaction and the temperature, and to ascribe all changes with 
changing medium to/ x . This is always possible if X is sufficiently 
specified. From the fact that our definition of activity coeffi¬ 
cient demands a different standard state for each temperature, 
the greatest part of the temperature variation must be ascribed 
to K. This is an advantage and, for theoretical discussions, the 
standard state should be chosen as that of an infinitely dilute 
gas. Thus we may consider temperature coefficients as outside 
the scope of the theory of liquid solutions. 

APPLICATION OF STATISTICAL MECHANICS 

We have seen that Bronsted’s theory follows from our assump¬ 
tions without any use of statistical mechanics other than the 
general postulate that statistical equilibrium implies thermody- 
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namic equilibrium. A derivation of Bronsted’s equation from 
statistical mechanics, such as that of Bjerrum (2), seems quite 
unnecessary. There is, however, a great opportunity for the 
application of statistical mechanics to our problem. Thermo¬ 
dynamics tells us nothing of the value of / x ; the activity coefficient 
of a complex that disappears immediately it is formed can cer¬ 
tainly never be measured. There remain as methods of deter¬ 
mining it only empirical generalization and statistical mechanics. 
So far the application has been limited to those cases in which 
the ratio of the number of critical complexes to the total number 
of complexes with the same distance of approach may be regarded 
as independent of the medium, that is, where the orientation, the 
quantity of energy, and the distribution of it within the complex 
are independent of the medium. The application has been fur¬ 
ther limited to those cases in which the concentration of com¬ 
plexes with a given distance of approach may be calculated from 
the theories of Debye. 


Reactions between ions 

Bronsted himself computed the effect of dilute electrolytes on a 
large number of reactions with the assumption, first reached by 
empirical generalization and then from the Debye-Huckel theory 
(5), that the activity coefficient in dilute electrolyte solutions 
depends only on the valence type. The theoretical expression 
for very dilute solutions is 


In 


fA 


2 DkT 


f z A "t" ( Z A "h 2 b ) 2 ] k ~ 


l A B 

DkT 


( 2 ) 


where z is the valence, « the protonic charge, D the dielectric 
constant, k Boltzmann’s constant, T the absolute temperature, 
and k has its usual significance in the Debye theories. We see 
immediately that the addition of an electrolyte increases the rate 
of reaction if the reactants have valences of the same sign, de¬ 
creases the rate if they have opposite signs, and has no effect pro¬ 
portional to the square root of the concentration if either reactant 
has the valence zero. It may be noted that Bronsted’s conclusion 
that the activity coefficient of the critical complex depends only 
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on its valence in very dilute solutions is at variance with the con¬ 
clusion of Bjerrum (2, 6) that the activity coefficient of a “Zwitter- 
ion” or of a polyvalent ion approaches the product of the activity 
coefficients of the ions of which it is composed as the distance of 
separation increases. Detailed calculations by Kirkwood and 
Scatchard (7), however, agree with Bronsted that the term pro¬ 
portional to the square root of the concentration depends only on 
the valence, provided that the distance of separation is finite and 
the same as in the standard state. 

For our present purposes we may follow the much simpler pro¬ 
cedure of Christiansen (4) and calculate the concentration of 
the complex directly from equations given by Debye and Hiickel 
(5). This concentration is proportional to the bulk concentra¬ 
tion of A molecules multiplied by the average concentration of B 
molecules at a distance r from an A molecule, where r is the dis¬ 
tance of approach characteristic of the complex. According to 
Debye and Hiickel this is 

_ * z b _ _±1_ 

C x = K"C a C b C kT = K"C k C b e DkT r 1 + m (3) 


where \p r is the mean electrostatic potential at the distance r from 
an A ion, and a is the closest distance of approach of the other 
ions to an A ion. When k — 0, equation 3 reduces to 

Cl - K"ClC B e~ WJV (4) 

From this it follows that 
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To compare with Bronsted’s result we expand in series 
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Christiansen, who also obtains equation 7 as the limiting law, 
e Ka 

omits the factor —— from equation 3. It is hard to justify 

1 + Kd 

the neglect of «a when kt is considered, for the distance to which 
two ions must approach in order to react must be of the same 
order of magnitude as, and is probably not many per cent differ¬ 
ent from, the closest distance of approach of the ions. We should 
consider here the criticism of Gross (8), namely, that this method 
must be wrong in principle because if the sizes of the two ions 
are not the same the answer for more concentrated solutions de¬ 
pends upon which ion is chosen as the central one. This would be 
obvious from equations 5 or 6 if a were different for the two ions. 
However, when all the ions in the solution do not have the same 
size there is, strictly speaking, no a for any ion (9), and the 
proper value must be in doubt by at least the difference between 
these two answers. Gross also criticizes this whole method of 
approach for a reaction between two ions, and claims that the 
averaging for the calculation of reaction rates must be different 
from that for activity coefficients. His criticism of the applica¬ 
tion of the Debye-Htickel theory to reaction rates may well be 
compared to Fowler’s (10) criticism of its application to activity 
coefficients with which Gross appears to disagree absolutely. 
Considering concentrations rather than potentials, it seems 
obvious that the rate of reaction depends upon the same average 
concentration of B ions around an A ion as does the activity 
coefficient. How accurately this average is given by the Debye- 
Hiickel theory is a question into which we need not enter here. 

It is very probable that the forces of repulsion vary so rapidly 
with the distance that the ions may be regarded as perfectly rigid 
spheres which must touch in order to react, so that r may be taken 
equal to a. In this case equation 5 reduces to 


«. ei * Z A Z B <c 

“ f x DkT 1 + kq 


( 8 ) 


which is the form that the author (11) used for less dilute solutions, 
deriving it through the assumption that the complex might also 
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be regarded as a spherical ion with the characteristic distance a. 
The assumption used in the present method is much more prob¬ 
able. It must be understood, of course, that the applicability 
of the equations is limited to solutions so dilute that other devia¬ 
tions from the laws of ideal solutions may be neglected, including 
in these other deviations the Gronwall-LaMer correction for small 
size or large charge (12). 

We may consider the theory well established in so far as it 
concerns the term that is proportional to the square root of the 
concentration and that depends on no properties of the ions other 
than their valences. It is probable that any variation of the ratio 
of the number of critical complexes to that of all the complexes 
with the same distance of approach would depend upon forces of 
much shorter range than that between two ionic charges, and that 
such a variation w r ould therefore not affect this term. It is only 
for this case of the effect of electrolytes on reactions between ions 
that the term proportional to the square root of the concentration 
is other than zero. For the higher terms the difficulties of all 
kinds increase: the variation of the average concentration at a 
given distance depends upon specific properties whose effect is 
more difficult to calculate; it is less certain that any one of these 
is so important that the others may be neglected; and the chances 
are greater that factors other than the distance may be effective. 
Therefore in all the cases that follow the answer is not only less 
sharp, it is also less certain. Nevertheless the answer is worth 
seeking. 

From equation 4 we may also obtain the effect of changing sol¬ 
vent on a reaction between tw ? o ions in so far as that effect is due to 
changing dielectric constant and in so far as the solvent may be 
treated as a homogeneous medium of uniform dielectric constant. 
If the dielectric constant in the state in question is D, and in the 
standard state D 0 , 
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If the two ions have the same sign, an increase in the dielectric 
constant increases the reaction rate; if tlley have opposite signs, 
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the rate decreases with increasing dielectric constant. If tfee ions 
may be regarded as rigid spheres of radius b, 


and 


T = b A + 6 B 


In 
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( 10 ) 


If the two ions have the same size the factor in the expression of 
the reaction rate is, neglecting its sign, the mean of the activity 
coefficients of the ions. 


Reaction between an ion and a non-electrolyte 

For the reaction between an ion and a non-electrolyte we cannot 
use the theory of Debye and MacAulay (13) which gives a fair 
approximation of the activity coefficient of the ion or of the non¬ 
electrolyte by treating all non-electrolytes as part of a homogene¬ 
ous medium of uniform dielectric constant. We may, however, 
follow Gross (8) and calculate the effect of adding electrolyte from 
Debye’s second treatment of activity coefficients (14), a treat¬ 
ment which is limited to solutions very dilute both in ions and 
in non-electrolyte reactant. If we assume that the effect of an A 
ion disappears at a great distance from the ion, the activity of the 
non-electrolyte B is equal to its concentration at an infinite dis¬ 
tance C m , and the activity coefficient is the ratio C , Cn, where 
Cb is, as before, the average concentration. By the Debye theory 
the concentration of B molecules at a distance r from the ion is 
given by 

R> 

Cr = C a e~ fi ( 11 ) 

_ A*a«b 

SwNkTD,, SirNkTDa 2 

where N is the Avogadro number, and 0 B and § B are given 2 by 

d = Do (i — /J B c B ) - Do - « B e B ( 13 ) 


2 This equation differs somewhat from that of Debye, in whose paper C is the 
mole fraction and not the volume concentration. The present form is somewhat 
simpler to apply and extrapolates to -f-20 instead of —275 for the dielectric 
constant of ether. Its use makes no difference in the calculation of the salting 
out. 
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Since R is independent of the electrolyte concentration we may 
write 

c x - K'C A Cr ~ KC A C m e h - KC A C m - KC A C B f B ( 14 ) 


The change in rate of a reaction between an ion and an uncharged 
molecule caused by the addition of an electrolyte is equal to the 
change in activity coefficient of the uncharged molecule. Debye’s 
treatment gives an expression for In /b which is a complicated 
function of the radius of the ion, D 0 and 8, but which is propor¬ 
tional to the salt concentration and is positive if the non-electro¬ 
lyte decreases the dielectric constant, negative if it increases it. 
This calculation of the effect on the reaction rate is probably only 
a first approximation even for that part of the effect which it pre¬ 
tends to represent. The assumption that the field strength 
around an ion, and therefore I?, is independent of the electrolyte 
concentration is equivalent to the assumption that the activity 
coefficient of the complex is equal to that of the simple ion. 

We may also use this result of Debye to calculate the effect of 
changing solvent on the rate of a reaction between an ion and a 
neutral molecule when both the reactants are at very small con¬ 
centrations. In this case the concentration of B at an infinite 
distance from an A ion may be taken as equal to the average con¬ 
centration, C m = Cb, but R is not independent of the medium. 
From the first two equalities in equation 14 we obtain 


1 *(a^B , "X . 

In —- * In j— - In - r ~r 

•'X C A ( B 



* 2 

8tt NJcTr* \ZV D7 


To use equation 15 we must know 8 as a function of D . If the 
dielectric constants are all additive, that is, if equation 13 holds 
over the whole range with all the solvents 



where Vb is the molal volume of B. When D is less than 2Db, 
increasing the dielectric constant decreases the rate; for larger 
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values of D the rate increases with increasing dielectric constant. 
However, if it is the reciprocals of the dielectric constants wtieh 
are additive, 


D 2 


D 


(17) 


and the rate always decreases with increasing dielectric constant, 
although less rapidly the larger the dielectric constant. If it is the 
polarizations which are additive, the relation is more complicated 
and depends upon the absolute value of Du as well as upon the 
ratio Db/D: 


6 _ 

D* 


' B 
3 D 2 


(D - 


1) (D + 2) - 


D» 


2> n + 2 


(O + 2) 2 


(18) 


When Db = 1, there is a minimum in the rate for D = 2Db as in 
equation 16; but as Db increases this minimum shifts very rapidly 
to higher D’s and is reached only at D = <*> when Du — 2. For 
all values of Db that are probable in liquid solutions the rate 
always decreases with increasing dielectric constant. 

Although the effect of changing dielectric constant on the 
reaction rate in this case depends so much on the form of the func¬ 
tional relation of dielectric constant to concentration that we can¬ 
not generalize about it, the relation of 8 to D is measurable in any 
particular case and equation 15 may then be applied. This equa¬ 
tion is limited to the case of uniform dielectric constant and so 
applies to changes from one pure solvent to another, but not 
strictly to mixed solvents. From a qualitative study of the more 
general equations given by Debye (14), we should expect that 
small amounts of a substance that lowers the dielectric constant 
would have a smaller effect on the rate than that calculated by 
equation 15 from its effect on the dielectric constant, because 
the concentration around the ions would be less than the average 
concentration. Larger quantities should have more nearly the 
calculated effect. Similarly, small quantities of a substance that 
increases the dielectric constant should have a larger effect than 
calculated. If the difference in dielectric constant is large, the 
first additions should have a relatively enormous effect and might 
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practically inhibit the reaction, for most of them would congre¬ 
gate in the immediate neighborhood of the ions. The effect might 
in this case depend upon the ratio of the concentration of added 
molecules to that of the ions rather than upon the concentration 
of added molecules alone. 

Reaction between two uncharged molecules 

The effect of electrolytes on reactions between two uncharged 
molecules, in so far as it depends only on the distance of approach 
and in so far as the medium may be assumed to have a uniform 
dielectric constant, should be calculable by the method used by 
Debye (14) for the salting out effect, integrating over all the solu¬ 
tion the product of two concentrations rather than a single con¬ 
centration. We can say offhand that the rate of a reaction be¬ 
tween two molecules both of which are salted out should be 
increased, and roughly as the mean of their activity coefficients; 
if one is salted out and the other salted in, the rate of reaction 
should decrease; if both are salted in, the effect of the orientation 
around the ion should be important. It might enormously in¬ 
crease the increased rate due to the concentration effect, or it 
might counteract it; the answer is therefore indefinite. If the 
solvent is one of the two reactants, the effect of electrolytes should 
be very small unless the other reactant is very strongly salted in, 
in which case there should be a retarding action. In all cases the 
logarithm of the reaction rate should vary as an approximately 
linear function of the electrolyte concentration. 

The application of statistical mechanics to the effect of adding 
non-electrolytes on the rate of reaction between two uncharged 
molecules must await the development of the theory of non¬ 
electrolyte solutions. We may be sure that here the variation of 
the oiientation with changing medium is an important factor and 
the variation of the deformation may be. Beyond that we can 
at present only make a few qualitative predictions in special 
cases (11). 

For reactions more complicated than bimolecular, the author 
can see no method of approach other than to assume that the 
probability of a ternary collision is the product of the probabilities 
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of the three binary collisions involved, and similarly for more com¬ 
plicated reactions. As with our previous assumptions, this one 
should have its greatest validity for long range forces, that is, for 
the electrolyte effect on reactions between ions. For the limiting 
law, or for less dilute solutions with rigid ions all of the same size 
which must touch to react, this requires only the replacement of 
z A z B in equation 7 or 8 by the sum of all the cross products of 
the valences, agreeing as it should with Bronsted’s method of 
approach (11). 


SUMMARY 

The relation of statistical mechanics to the theory of reaction 
rates in solution, and particularly to Bronsted’s theory, has been 
reviewed, and it has been shown that the function of statistical 
mechanics is not to establish this theory, but to assist in its appli¬ 
cation. A discussion has also been given of the application of 
Debye’s theories to various types of reactions. 
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The rate at which bimolecular reactions proceed in gaseous 
systems can, in the majority of cases, be accounted for on the 
assumption that reaction takes place whenever two molecules 
collide with a combined kinetic energy equal to or greater than 
E , the heat of activation. In other words, the so-called simple- 
collision theory, independently advanced by Strutt (1) and by 
Lewis (2), is here tenable; and as Hinshelwood (3) points out 
“ there is no absolute necessity to look any further for the inter¬ 
pretation of bimolecular reactions.” The position of the theory 
in relation to bimolecular reactions in solution is by no means as 
assured as this, and in fact but few attempts have been made to 
apply it to existing data. Norrish and Smith (4), who approached 
the problem by comparing the observed rates of certain reactions 
in solution with the rates of the corresponding hypothetical gase¬ 
ous reactions, have shown that the experimental value of the 
bimolecular constant is generally about 10~ 8 times the calculated 
value. These authors, while admitting the possibility of alterna¬ 
tive explanations, favor Christiansen’s view (5) that the reason 
for the discrepancy is to be sought in the deactivating influence of 
solvent molecules. Whether this or some other explanation 
should prove to be the correct one, it is clear that we are here 
dealing with a certain type of bimolecular reaction which is pro¬ 
foundly influenced by the solvent, and which proceeds in all 
solvents at a rate which is very much lower than that which we 
would anticipate it to have in the gaseous phase. In direct 
contrast to this behavior we have the case of chlorine monoxide 
(6), which reacts at the same rate and possesses the same energy 
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of activation in the gaseous state as in a solution of carbon tetra¬ 
chloride. This observation naturally suggests that there may 
exist other bimolecular reactions of the same type, i.e., those that 
are not markedly influenced by the presence of a solvent. Direct 
experimental comparison between the rates in solution and in the 
gaseous state being impossible, we follow the treatment of the 
earlier workers (5, 4) and compare the observed rates of reactions 
in solution with the rates calculated for the hypothetical gaseous 
reactions possessing the same critical increments. 

The calculated values of the bimolecular velocity constants are 
determined in the following manner (2, 3). The number of mole¬ 
cules reacting per second per cubic centimeter is 

-f t -V2 *„>n>u-e- E/RT ( 1 ) 

where a is the molecular diameter, n the number of molecules per 
cubic centimeter, u the root-mean-square velocity at temperature 
T, and E the energy of activation. The bimolecular velocity 
constant k, expressed in liters per gram-molecule per second, is 

( 2 ) 

d« n* 1000 

in which N is the Avogadro constant. Combining equations 1 
and 2, replacing u by V'SRT/M, and substituting numerical 
values for the constants, 

* - 5.71 X 10“ • y/V/M ■ «r ! ■ e~ E/RT (3) 

When reaction occurs between different species of molecules, we 
must substitute the mean molecular diameter ^ or anc * 

the term for M~ 1/2 , hence, 

.-*/*<• < 4 ) 

This equation as it stands does not take into account the possible 
influence of the orientation of the colliding molecules at the 
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moment of impact, nor does it allow for the fact that the actual 
volume of the molecules may become comparable with the total 
volume of the system. The steric effect is known to be small in 
the case of gases (5), and the free-space correction does not amount 
to more than 30 per cent in the cases that are to be considered 
here. These two terms are therefore omitted. Calling the 
collision term Z, we can rewrite the equation thus: 


This makes it readily comparable with 


- E/RT 


observed 


( 6 ) 


in which S is now the empirical, non-exponential term of the 
Arrhenius equation. The temperature range to which an investi¬ 
gation of reactions in solution must be confined is generally so 
small that we can regard both Z and S as being independent of 
temperature. 

In order to calculate the diameters of the reacting molecules, 
we assume (7) that molecules in the solid or liquid states at low 
temperatures are closely packed, occupying 74 per cent of the 
total space: <r is then related to the molecular volume V m by 
the equation: 

<7 - 1.33 X 10- 8 V„ 1/3 (7) 

To avoid confusion it will be as well, perhaps, to emphasize that 
all values of velocity constants, observed and calculated, given 
below are expressed in liters per gram-molecule per second. 


THE CONVERSION OF AMMONIUM CYAN ATE INTO UREA IN 
AQUEOUS SOLUTION 
NH,CNO -> (NHACO 


The bimolecular constants obtained by Walker and Hambly 
(8) for this reaction at temperatures ranging between 25° and 
80°C. may be summarized thus: 


observ'd 


- 4.27 X 10 12 • e 


23,170/flr 
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The fact that these authors found k to vary slightly with the salt 
concentration led Doyle (9) to reinvestigate the effect of dilution 
on the value of the constant. His results (table 1) show that the 
rate is sensibly independent of the dilution. There is therefore 
no reason to regard the reaction as being other than truly bimolec- 
ular. In calculating the constants allowance has, of course, been 
made for the influence of the reverse reaction. The kinetics of 
the reaction over the range of 45° examined by Doyle are given 
by the equation: 


k 


observed 


4.68 X 10 12 • e 


23,160/7? !F 


a result in excellent agreement with the earlier work. 


TABLE 1 

Effect of dilution on the himolecular constant for the conversion of ammonium cyanate 

into urea 


TEMPERATURE 

INITIAL CONCENTRATION OF 

NHiCNO 

k x 10 * 

°C 

gram-molecules per liter 

liters per mole per second 

35 

0 20 

1.47 


0 10 

1 45 


0 05 

1 50 

55 

0 20 

16 0 


0 05 

16 7 


Assuming the rate to depend on collisions between unionized 
molecules of ammonium cyanate, and ascribing to these a diam¬ 
eter of 4.73 X 10“ 8 cm., we obtain by means of equation 3 the 
following expression for the velocity constant: 

*c a lcu.ated = 2.95X10u.3e- 23 ' ,6S/iJr 


Thus the observed rate is at ail temperatures about 15 times as 
great as the calculated value. 


THE REACTION BETWEEN SODIUM ETHOXIDE AND VARIOUS 
ALKYL IODIDES IN 99.5 PER CENT ETHYL ALCOHOL 
SOLUTION 

CsHjONa + RI -> C 2 H 6 OR + Nal 

The rate of formation of ethers in alcoholic solution has been 
studied extensively and with great precision by Conrad and his 
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collaborators (10), who measured the velocity of reaction at four 
or five temperatures covering a range of 30° to 36°C. The data 
are in excellent agreement with the Arrhenius equation—except in 
the case of heptyl iodide, which is omitted on that account—and 
are summarized in the second and third columns of table 2. The 
calculated rates (column 4) were obtained by means of equation 
4, the theoretical collision numbers (Z) for the six reactions vary¬ 
ing by 6 per cent from the average value of 4.55 X 10 u . It will 
be shown later that the agreement between th( ory and practice is 
actually somewhat closer than is represented by the ratios given 

TABLE 2 


Rate of formation of ethers in alcoholic solution 


REACTION 

E 

*30°C 

! X 10* 

^calculated 

Observed 

Calculated 

^observed 

C 2 H 6 ONa + CH 3 I 

calories 

19,490 

19 1 

34 1 

1 8 

CaHtONa + e,HJ 

20,650 

1 71 

5 15 

3 0 

C 2 H 6 ONa + C S H 7 I 

19,840 

0 60 

21 2 

35 3 

C 2 H 6 ONa + C 3 HJ 

19,180 

28 9 

62 2 

2 2 

CsELONa + CjHsCl 

20,220 

0 30 

10 9 

36 1 

C 2 H 0 ONa + C,II 6 CH 2 C1 

19,900 

0 58 

17 4 

30 3 


in the last column, since the observed velocity constants for very 
dilute solutions are greater than those given in the table, which 
refer to solutions which are one-half normal with respect to either 
reactant. 

THE REACTION BETWEEN SODIUM PHENOXIDE AND VARIOUS 
ALKYL IODIDES IN ETHYL ALCOHOL SOLUTION 
CeHiONa + RI C 6 H 6 OR -f Nal 

Segallar (11) has measured the rate at which several alkyl 
iodides react with sodium phenoxide in absolute alcohol solution. 
The initial concentration of both reactants was usually 0.1 gram- 
molecule per liter, and velocity constants were determined at four 
temperatures over a range of 50°C. The critical increments (E) 
given in column 3 of table 3 may therefore be considered accurate 
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to within less than 1000 calories. The molecular diameters of the 
iodides, given in column 2, have been calculated from the densities 
of these liquids by means of equation 7; the diameter of the so¬ 
dium phenoxide molecule is taken to be 6.19 X 10" 8 cm., this being 
the “density value” for chlorobenzene, which is of similar struc¬ 
ture and molecular weight. There is on the whole considerable 
harmony between theory and observation. 

The approximate constancy of the observed critical increments 
for all the reactions considered here is characteristic of many other 

TABLE 3 


Values of E and k for the reaction between sodium phenoxide and alkyl iodides 


IODIDE 

MOLECULAR 

DIAMETER 

E 

*42 5“C X 10* 

^calculated 

^observed 

Ob¬ 

served 

1 Calcu- 
| lated 


cm X 10 8 

calories 

liters per 

■ mole per 





i second 


CH,I . . 

5 28 

22,120 

101 00 

19 1 

0 2 

c,h 6 i. . . 

5 75 

22,000 

22 50 

22 7 

1 0 

C,H 7 I . . 

6 12 

22,450 

8 67 

11 4 

1 3 

C 4 H 9 I . ... 

6 45 

22,090 

8 08 

21 0 

2 6 

CsHnI . 

6 75 

22,280 

3 50 

16 1 

4 6 

C,H 13 I 

7 00 

22,000 

7 73 

26 2 

3 4 

c,h 16 i . . . 

7 22 

22,230 

7 52 

18 5 

2 5 

C 8 H„I... . 

7 47 

22,500 

7 23 

12 5 

1 7 

C le H„I . 

9 01 

22,430 

7 15 

16 1 

2 3 

CsHjI (iso) 

6 17 

22,100 

7 58 

20 4 

2 7 

C<H t I (iso) 

6 46 

21,790 

3 22 

33 3 

10 3 

CjHnI (iso) . 

6 82 

22,250 

4 75 

17 5 

3 7 

C«H»I (tertiary). 

6 51 

22,110 

202 00 

20 2 

0 1 


bimolecular reactions, both catalyzed and uncatalyzed, for which 
the value of E seems to be determined by the type of reaction 
rather than by the nature of the reactant molecules. In this 
sense, then, there appears to be a sharp contrast between bimolec¬ 
ular and unimolecular reactions, for the latter, at all events when 
uncatalyzed, exhibit wide variations in the value of the energy 
of activation although the type of reaction may be the same in all 
cases (12). 

Segallar’s results for the reaction between sodium phenoxide 
and six secondary alkyl iodides have been omitted from table 3 
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because they illustrate no new feature; inclusion of these cases 
leaves the mean values of both E and unaltered. 

‘^observed 


THE REACTION BETWEEN SODIUM-/3-NAPHTHOXIDE AND 
ETHYL IODIDE IN VARIOUS ALCOHOLS 
C 1 „II,ONa + C 2 H„I C,oHjOC s H 6 + Nal 


The critical increments and bimolecular velocity constants 
determined by Cox (13) for the formation of /3-naphthyl ethyl 
ether in a series of alcohols are quoted in the second and third 

TABLE 4 


Values of E and k for Ihe formation of 0-naphthyl ethyl ether in alcohols 



1 

E 

^40°C 

X io» 

^calculated 

^observed 


Observed 

Calculated 

CH s OH 

calories 

21,010 

7 67 

7 , 

9 6 

CaHaOH 

19,840 

13 16 

574 

44 

C3H70H 

21,300 1 

7 37 

55 

7.4 

C 4 H 9 OH 

19,650 ! 

6 73 

774 

115 

CJ-I7OH (iso) 

19,990 

10 76 

445 

41 

C4H9OH (iso) 

19,650 

6 65 

774 

116 

C 6 H u OH (iso) 

20,240 

3 72 

301 

81 

C&HuOH (tertiary) 

21,190 

0 89 

64 

72 

CcHfcCHWH . . 

20,650 

4 55 

154 

! 

34 


columns of table 4, along with the calculated rates (column 4). 
The diameter of the sodium naphthoxide molecule is taken to be 
t>.75 X 10 8 cm., a value based on comparison with molecules of 
similar structure. The theoretical rate is, on the average, 47 
times as great as the experimental, but it is noteworthy that the 
agreement between calculation and observation is best when rela¬ 
tively large values of E are involved, and vice versa. Now whereas 
the variation in the energy of activation indicated in this table 
may be real, indicating a slightly differing influence of the solvents 
on the reaction, it is equally possible that the highest value of E 
(21,000 cal.) is the true critical increment for this reaction in all 
these solvents, the lower values indicating a slight depression in 
E caused by the presence of traces of impurity. 
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The approximate constancy in the energy of activation for this 
reaction in these nine alcohols should be contrasted with the vari¬ 
ation of 5000 calories exhibited by a unimoleeular reaction—the 
decomposition of acetonedicarboxylic acid (14)—in the same 
solvents. 

T H E REACTION BETWEEN METHYL IODIDE AND VARIOUS 
BASES IN ETHYL ALCOHOL SOLUTION 
CH„I + RONa —> CHjOR + Nal 

The results for another series of etherification reactions, which 
offer themselves as suitable bimolecular reactions to study from 

TABLE 5 

Values of E and k for the formation of various ethers 


REACTION 

E 

*30°C 

X 10< 

^calculated 

^observed 

Observed 

Calculated 

CH 8 I + CH 3 ONa (10) 

calories 

21,180 

5 18 

2 00 

0 4 

CH 8 1 + C 2 H 6 ONa (10) 

19,490 

19 1 

34 1 

1 8 

CH 3 I + CfiHsONa (11) 

20,900 

2 51 

3 17 

1 3 

CH 3 I + 0 - CH,C e H 4 ONa (15) 

20,240 

2 93 

9 16 

3 2 

CH 8 1 + m-CH 8 C 6 H 4 ONa (15) 

20,510 | 

3 23 

5 78 

1 8 

CHJ + p-CH 8 CflH 4 ONa (15) 

21,220 

3 72 

1 79 

0 5 


the point of view of chemical kinetics on account of their quanti¬ 
tative nature and their consequent freedom from complications 
due to reverse changes, are given in table 5. The. values used for 
the molecular diameters of sodium methoxide, sodium ethoxide 
and the three sodium cresolates are 5.00 X 10" 8 , 5.47 X 10“ 8 and 
6.42 X 10“ 8 cm., respectively. The agreement in the last three 
examples is probably not quite as close as the table would suggest, 
for velocity constants were determined at but two temperatures, 
thus rendering the value of E liable to error. 

THE FORMATION OF TRIETHYLSULFONIUM BROMIDE IN BENZYL 
ALCOHOL-GLYCEROL MIXTURES 
C 2 H 6 Br + (C 2 H 6 ) 2 S -» (C 2 H 5 ) 8 SBr 

This reaction is the reverse of that which has been studied so 
extensively by von Halban (16). Corran (17) determined the 
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rate ( ki ) at which triethylsulfonium bromide decomposes in mix¬ 
tures of varying amounts of benzyl alcohol and glycerol, using 
that form of the unimolecular velocity constant equation which 
allows for the influence of a reverse bimolecular change. He also 
measured the equilibrium constants ( K ), and studied the influ¬ 
ence of temperature on both At and K. From his data, therefore, 
it is an easy matter to derive values for the bimolecular constant 
(A' 2 ) and the critical increment E which characterize the reaction 
between ethvl bromide and diethyl sulfide. These values are 
given in the second and third columns of table 6, for comparison 
with the theoretical rates (column 4) which have been calculated 
by means of equation 4, taking the diameters of the ethyl bromide 
and diethyl sulfide molecules as 5.57 X 10' 8 and G.31 X 10" 8 cm. 

TABLE 6 


Values of E and k for the reaction between ethyl bromide and diethyl sulfide 


COMPOSITION OF 
SOLVENT IN 

E 

1 

^85 °C 

X 10U 

^observed 

^calculated 

ulOLM * LaU per* 
CENTAGE OF 
BENZYL ALCOHOL 

Observed 

Calculated 

100 

calories 

43,400 

2 69 

0 14 

19 

89 

42,000 

9 12 

1 02 

9 

78 

40,600 

109 6 

7 41 

15 

65 

39,600 

1479 0 

30 2 j 

49 


respectively. The accordance between theory and observation 
lies well within the limits of experimental uncertainty—a result of 
particular interest, since we are here dealing with a reaction which 
proceeds about 10 12 times as slowly as those which have previously 
been considered. 

THE INTERACTION OF 0- AND p-DINITROBENZENE WITH SODIUM 
METHOXIDE AND WITH SODIUM ETHOXIDE IN THE 
CORRESPONDING ALCOHOLS 
C.H,(N0 2 ) 2 + NaOR -> C„H 6 (N0 2 )0R + NaNO a 

The experimental values for the kinetics of these reactions given 
in table 7 were measured by Steger (18), who worked with solu¬ 
tions that were 0.05 A' with respect to each reactant. The reac- 
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tions are quantitative, and in three out of the four cases, the 
velocity coefficients determined at three temperatures are in 
excellent agreement with the Arrhenius equation. The theoreti¬ 
cal collision number for all assumes a value of about 4.96 X 10 n . 

THE REACTION BETWEEN ETHYLENE CHLOROHYDRIN AND 
HYDROXYL ION IN DILUTE AQUEOUS SOLUTION 

CH 2 

CH 2 0HCH 2 C1 + OH- -» | V) + H 2 0 + ci- 

ch 2 

The kinetics of the reaction between numerous chlorohydrins 
and alkali have been investigated by Evans (19). Bimolecular 
constants for a solution containing both ethylene chlorohydrin 

TABLE 7 


Action of dinitrobenzenes with sodium methoxide and with sodium etlioxide 





*35°C 

X io< 

^observed 

REACTION 

SOLVENT 

E 

Ob¬ 

served 

Calcu- i 
lated 

^'calculated 

0 - C 6 H 4 (N0 2 ) 2 + NaOC 2 H 6 

C 2 H 6 OH 

calartes 

20,590 

13 4 j 

10 8 

1 2 

o-C 6 H 4 (N0 2 ) 2 + NaOCHs . . . . 

CHaOH 

20,480 

8 17 

14 3 

0 6 

p-C,H 4 (NO,) s + NaOC 2 H 6 

C 2 H 6 OH 

22,030 

119 i 

1 04 

115 

p-CflH 4 (N0 2 ) 2 + NaOCH 3 . 

CHaOH 

22,290 

24 6 

0 67 

37 


and potassium hydroxide at an initial concentration of 0.02 
gram-equivalents per liter were determined at three temperatures, 
the results being in excellent conformity with the equation: 


observed 


2 55 X 10 12 • e 


■ 19,870/721 7 


It is a matter of some difficulty, if indeed it is at all possible at 
present, to apply the collision mechanism of chemical change to 
cases of reactions involving ions. We are more likely to succeed 
if we treat a relatively simple case, such as the one under discus¬ 
sion, where chemical change depends on the number of encounters 
between an ion and a neutral molecule, rather than cases where 
both colliding molecules are charged, because in the former case 
the velocity of the dissolved ion (although profoundly affected by 
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the presence of other ions) may be regarded as unaltered in so far 
as its influence in determining the number of collisions with 
neutral molecules is concerned. Furthermore, it is now appre¬ 
ciated that there may be many types of effective collisions, lead¬ 
ing to several simultaneous bimolecular reactions, or to the 
existence of complexes, each of which may undergo chemical 
change at a rate characterized by its ‘‘specific reactivity.” In 
certain examples of catalyzed unimolccular reactions, however, 
the influence of the reactivity of one kind of complex on the 
reaction rate is so much greater than even the combined effect of 
the reactivities of other species of complexes that the latter may 
be ignored in comparison. By analogy it is to be expected that, for 
certain examples of bimolecular reactions involving ions, the effec¬ 
tiveness of collisions of a given type may be sufficiently pre¬ 
dominating to allow us legitimately to neglect all other types of 
collisions. As we are here concerned with the application of the 
collision theory in its broadest possible outline, we will therefore 
make the assumption that reaction rate in the case under discus¬ 
sion is dependent on the number of effective collisions of one type 
only, i.e., between the organic molecule (<r = 5.68 X 10 -8 cm. ) 
and an hydroxyl ion, which is considered to be moving with the 
same mean velocity as a neutral gaseous molecule having the same 
mass, and to possess a diameter equal to a (monohydrol) water 
molecule, i.e., 3.47 X 10“ 8 cm. On this admittedly crude basis, 
we arrive at the following equation for the theoretical velocity 
coefficient: 


k 


calculated 


- 5.73 X 10 11 • e 


- 19,870/72 T 


Such close harmony with the experimental value (k obB /Settle 
4.4) is almost certainly fortuitous. Nevertheless, the result is 
not without interest. 

Evans has studied also the rate at which potassium hydroxide 
reacts with dimethyl- and dichloro-ethylene chlorohydrin, but he 
found k to diminish perceptibly with increase in time. Smith (20), 
in a recent repetition of this work, shows that this is caused by 
isomerism of the chlorohydrin and by the attack of atmospheric 
carbon dioxide on the alkali. The reaction is strictly bimolecular 
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over its complete course, the velocity coefficient being the same 
for ethylene chlorohydrin and for propylene chlorohydrin, and 
being independent of the concentration of alkali over a fourfold 
change in the neighborhood of [OH - ] = 0.01 gram-equivalent per 
liter. 


THE HYDROLYSIS OF ALIPHATIC AMIDES BY AQUEOUS 
HYDROCHLORIC ACID 
RCONHj + H 2 0 + H + -*• RCOOH + NEU + 

Crocker (21) has shown that the acidic hydrolysis of amides in 
aqueous solution is bimolecular with respect to the amide and 
hydrogen ion. The calculated rates included in table 8 have been 


TABLE 8 

Acidic hydrolysis of amides 


AMIDE 

<r X 10* 

1 

*61.4*C X 102 

^observed 

| 

Ob¬ 

served 

Calcu¬ 

lated 

^calculated 

HCONH 2 . 

centimeter 8 

4 28 

calories 

19,070 

1148 

22 9 

50 

CHaCONHa. 

4 91 

20,710 

69 2 

2 4 

29 

C 2 H 6 CONH 2 . 

5 47 

19,770 

83 2 

11 8 

7 

C 8 H 7 CONH 2 . . 

5.82 

20,090 

42 7 

8 3 

5 

C 8 H 7 CONH 2 (iso). 

5 85 

19,430 

50.1 

21 9 

2 3 

C 4 H 9 CONH 2 . 

6 13 

20,040 

11 0 

9 8 

1 1 


evaluated on the assumption that reaction occurs whenever a 
hydrogen ion and an amide molecule collide with the necessary 
increment of energy. The velocity of the hydrogen ion is taken 
as equal to that of a hydrogen atom at the same temperature, and 
its diameter is arbitrarily assessed as 1.0 X 10- 8 cm. The error 
introduced by making this approximation is not as great as it 
appears to be, for a glance at equation 4 shows that if the value of 
tr were taken to be one-tenth of this figure, the calculated velocity 
constant would be reduced by about one-third of its previous 
value. The reason for this is that the specific part played by the 
hydrogen ion in determining the number of collisions is influenced 
far less by the magnitude of its diameter than it is by its great 
speed. The agreement between theory and practice is seen to be 
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quite good except in one case, which, as before, is that involving 
the lowest value of E, and in fact the only value of E which shows 
any marked deviation from the mean. Crocker’s results, deter¬ 
mined at four temperatures, were summarized by him in the form 
of equation 6, and show clearly that the non-exponential term S 
of the Arrhenius equation decreases regularly with increase in 
molecular weight of the amide, the value of S for the first member 
(formamide) being 25 times as great as that for the sixth member 
(valeramide): the calculated collision number (i.e., Z of equation 
5), on the other hand, increases slightly as we ascend the series, the 
sixth value of Z being 80 per cent greater than the first. This is 
a rather surprising feature, which would require closer examination 
if it transpired to be true in other cases: the results of Segallar 
(11), however, which also relate to the reactions of a homologous 
series, reveal no such disparity, and are, furthermore, somewhat 
more precise. 


DISCUSSION 

In all the examples which have been examined here, the observed 
rates of reaction in solution have been of the same order of magni¬ 
tude as the rates of the corresponding hypothetical gaseous reac¬ 
tions. The experimental rate has been sometimes greater than 
and sometimes less than the calculated value, but seldom has 
the difference between the two rates been greater than can be 
accounted for by an error of about 1000 calories in the energy of 
activation. Greater harmony between theory and observation 
has resulted in those instances where it was possible to compare 
the rate of the gaseous reaction with that occurring in very dilute 
solution. The actual values of k have differed by the order of 
10 ia . This approximate agreement must be either ( 1 ) illusory, 
due to the fortuitous compensation of rival influences, such as 
catalysis by traces of impurity and intervention of the solvent in 
alcohol solutions, or electrical influences and the superposition of 
simultaneous reactions in aqueous solution, or (#) real, indicating 
that we have been examining systems which are relatively free 
from most of the unknown complications usually implied in the 
term “solvent effect,” and for which the collision theory in its 
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simple form can reasonably be expected to apply. This latter 
conclusion seems in most respects to be the more likely, and gains 
in probability when it is recalled that at least one instance has been 
encountered in practice—i.e., that of chlorine monoxide in carbon 
tetrachloride solution (6)—of a bimolecular reaction proceeding in 
solution in all respects as it does in the gaseous phase. 

The general agreement of the simple theory with observation 
may be presented in an alternative form. Reverting to equation 
6, it will be seen that the term S must now be a collision number, 
and cannot therefore vary beyond fairly narrow limits, defined by 


TABLE 9 

Comparison of critical increments and temperatures at which reactions proceed 

at the same rate 


1 

REACTION 

SOLVENT 

E 


(C 2 Hb) 2 S + C 2 H 6 Br . 

(C 2 H 6 ) 2 S + C 2 H 6 Br . 

NH 4 CNO -> (NH 2 ) 2 CO. 

p-C ft H 4 (N0 2 ) 2 + NaOR . . 

CeEUONa 4- RI. 

Ci 0 H 7 ONa + C 2 H 6 I . 

NaOC 2 H 6 4- RI. 

CH 2 0HCH 2 C1 + OH". 

RCONH 2 + H + . 

c 6 h*ch 2 oh 
c 6 h 6 ch 2 oh +\ 

C 8 H 6 (OH), / 

h 2 o 

HOR 

C 2 H 6 OH 

HOR 

C 2 H 6 OH 

H 2 0 

h 2 o 

calories 

43,400 

39,600 

23.160 

22.160 
20,810 
20,390 
20,050 
19,930 
19,850 

0 Absolute 

731 

647 

402 

357 

418 

437 

385 

361 

359 


the temperature and size of the molecules. Hence, for two differ¬ 
ent reactions, we have the approximation: 

E\ Ev 

In hi 4-In jk 4- — 

RT 3 T RT 

If we now confine attention to those temperatures at which both 
reactions proceed at unit rate (k\ = k t = 1): 

Ei Ei 
— rsj — 

Ti T> 

There should therefore be a rough parallelism between the critical 
increments and the temperatures at which reactions proceed at 
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the same rate, arbitrarily taken as & = 1. This is borne out in a 
general manner by the results given in table 9. The difficulty of 
finding uncomplicated bimolecular reactions exhibiting a wide 
variation in E is met with in considering gaseous systems, and 
appears in a more acute form when we come to deal with reac¬ 
tions in solution, where the temperature of investigation is usually 
limited by the boiling point of the solvent. 

If the collision mechanism is, as y/e suppose, sufficient to 
account for the rates at which these reactions proceed, then the 
factor which determines the order of magnitude of the velocity 
constant is the exponent e~ E/Rr . Compared with this, the con¬ 
tribution made by all other factors, including deactivation, will be 
of a secondary character and may even be negligible. Brief 
reference will be made to some of these auxiliary influences. 

1. The dilution effect 

The alteration in the value of the velocity constant with a 
change in the concentration of the reactants has been studied 
very thoroughly in some of the examples quoted. The rate at 
which o-dinitrobenzene reacts with sodium alkoxides in methyl 
alcohol and ethyl alcohol is not disturbed by changing the dilu¬ 
tion from 20 to 100 liters per gram-molecule (18); within narrower 
limits the same is true of the conversion of ammonium cyanate 
into urea in aqueous solution (9). On the other hand, k for the 
reaction between sodium ethoxide and the alkyl iodides increases 
with increase in dilution in such a way that the values for 0.01 
N solutions are about double the values for normal solutions (22). 
Cox (13) concludes that the velocity of formation of /3-naphthyl 
ethyl ether in various alcohols at infinite dilution would be about 
five times the value observed by him for approximately normal 
solutions. These and similar results for other reactions are usually 
interpreted by the “dual” hypothesis of Bredig, Snethlage and 
Acree, which postulates the existence of two concurrent reac¬ 
tions—those between neutral molecules of one reactant (e.g., ethyl 
iodide) with both neutral molecules and ions of the other reactant 
(e.g., sodium ethoxide and the ethoxide ion). The change in the 
value of the observed constant with dilution can on this basis be 
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quantitatively accounted for; the specific reaction rates for both 
neutral molecules and ions are found to be independent of their 
concentration and, in the case of the ions, of the components with 
which they were originally associated. The bearing of these 
observations on the problem of applying the collision mechanism 
to reactions in solution is twofold. In the first place, the fact that 
some reactions proceed more quickly in dilute solutions than in 
concentrated ones brings about a closer agreement between the 
theoretical rates calculated for gaseous reactions and the observed 
rates in solution; the numerical values of the factors k calculated/ 
^observed given in the last column of table 2 (and probably also of 
table 3) should be halved, and the ratios given in table 4 should be 
divided by 5. In the second place, inasmuch as the ‘‘dual” theory 
implies that there is no necessity to draw a distinction between 
the manner in which both ion and neutral molecule react with the 
second neutral molecule, the extent to which the hypothesis is 
established may be regarded as evidence for the validity of the 
treatment followed here; that is, for calculating the number of 
collisions between an ion and a neutral molecule the ion can be 
treated as if it were itself uncharged (23). Finally, experiment 
shows that the reactivity of the ion is always, as far as it is known, 
greater (by a small factor) than that of the neutral molecule (24); 
this is to be expected as a consequence of its smaller mass and 
greater velocity. The critical increment is apparently not 
affected by the relative amounts of ions and neutral molecules 
present. 


2. The orientation factor 

When a homologous series of reactions is considered (cf. tables 
2, 3 and 8), there is a tendency for the ratio & 0 aicui»ted/&ob«rved to 
increase with the molecular weight. If the orientation of the 
molecules at the moment of impact is in any way a determining 
factor in the activation process, this result becomes readily 
explicable, for the steric effect, if operative at all, must be greater 
the larger the molecule. In order to make ^calculated identical 
with ^observed, it would be necessary, in the absence of any other 
correction, to ascribe to the relatively large molecules an effective 
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diameter (for collision purposes) equal to about one-third of those 
used in the calculations. It is unlikely, however, that the orien¬ 
tation factor should be as great as this. 

S. The viscosity of the solvent 

It is a little difficult to see how the viscosity of the medium in¬ 
fluences the rate of reaction. Lewis (25), reviewing Menschut- 
kin’s data (28) on the rate of formation of tetraethylammonium 
iodide, points out that k is 20 times greater in benzyl alcohol than 
in the more mobile solvent benzene. Considering the diffusion of 
non-electrolytes in water, Jowett (27) has shown that the number 
of collisions between solute and solvent molecules is proportional 
to the viscosity of the medium; Olander (28), however, following 
another treatment, comes to a different conclusion. While there 
is insufficient data to test either view, it seems very likely that the 
role played by the viscosity is generally a minor one. 

The important point to observe however, is that a very simple 
collision mechanism offers a fairly complete interpretation of the 
numerous reactions that have been discussed, without making 
any appeal to the concept of deactivation. 

EXAMPLES SHOWING A WIDE DISPARITY BETWEEN OBSERVED 
AND CALCULATED RATES 

The results given in table 10 refer to a class of reactions which are 
distinguishable from the type already considered by a marked lack 
of agreement between the experimental and theoretical values of 
the velocity coefficients. To this class belong also those cases 
which have been treated by Norrish and Smith (4), viz., the com¬ 
bination of trimethylamine with nitrobenzoyl chloride, of aniline 
with bromoacetophenone (13), and of pyridine with allyl bro¬ 
mide (19). 

Perhaps the first point to which attention should be directed in 
dealing with these “anomalous" reactions is that they all involve 
the conversion of two reactant molecules (a halide with either an 
amine or a nitrogen base) into one molecule of resultant (a ternary 
ammonium salt). The suggestion naturally presents itself that 
the collision hypothesis should in some way be modified to allow 
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for an essential difference between this type of change and the 
double decompositions which are more commonly encountered 
and to which the hypothesis is known to apply. Reference to 
gaseous reactions, however, shows that the collision theory 
accounts in a satisfactory manner for the rate of change, whether 
the resultant molecules number two (as in the cases of hydrogen 


TABLE 10 


Reactions showing disparity between observed and calculated rates 


R 





1 *60“C. 


Z 







^calculated 





E 



PS 

B 

REACTION 


SOLVENT 

Ob¬ 

served 

Calcu¬ 

lated 

^observed 

g 





X 10 5 

X 10-* 


30 

(C 2 H 6 ) 8 N 4~ C 2 H 8 Br 

C 6 H 6 

11,190 

1 28 

239 

1 9 x 10 9 

31 

C 6 H 6 N(CH 3 )2 + CHsI 

c 2 h 2 ci 4 

11,680 

45 4 

93 1 

2 1 X 10 7 

30 

(C 2 H fi ) 8 N + C 2 H 6 Br 

(CH a ) 2 CO 

11,710 

17 5 

108 

6 2 X 10 7 

33 

p-Htf>NH 2 + H4>C1* 

99 6%C 2 H 6 OH 

11,800 

9 80 

36 1 

3 7 X 10 7 

30 

(C 2 H 6 ) 8 N + C 2 H 6 Br 

i 

'50%(CH 3 ) 2 CO 
[50%C,H, j 

1 

12,040 

8 97 

65 5 

7 3 X 10 7 

30 

(C 2 H 6 ) 8 N -h C 2 H 6 Br 

1 

f80%(CH,) s COl 
120%C,H» j 

1 

12,100 

16 0 

59 7 

3 7 X 10 7 

30 

(C 2 H 6 ) 8 N + 0 2 H b Br 

J 

20%(CH s ) 2 CO 
I80%C,H, j 

> 

12,180 

4 92 

53 0 ! 

1 1 X 10 8 

31 

C 6 H 6 N(CH 8 ) 2 + CH S I 

c 6 h 6 no 2 

13,020 

6 65 

12 4 

1 9 X 10 7 

31 

C b B^ + CH 8 I 

c 2 h 2 ci 4 

13,220 

182 

9 04 

5.0 X 10 s 

33 

C 6 H 6 NH 2 + R<t>Cl 

99 6%C 2 H 6 OH 

13,450 

13 8 

3 25 

2 4 X 10* 

32 

CS(NH 2 ) 2 4- CHsI 

(CH 8 ) 2 CO 

13,620 

383 

4 45 

1 2 X 10* 

32 

C 6 H 6 N(CH 8 ) 2 4- C 2 H 6 I 

(CH 8 ) 2 CO 

13,680 

3 11 

4 81 

1 6 X 10 7 

31 

C«H 8 N(CH 8 ) 2 4- CH 8 I 

C,H s CH 2 OH 

14,400 

250 

1.50 

6 0 X 10 4 

32 

CS(NH 2 ) 2 4- C 2 H a 

C 2 H 6 OH 

14,620 

143 

0'973 

6 8 X 10 4 

33 

C 6 H 6 NH 2 4 - p-N0 2 </>Cl 

99.6%C 2 H 6 OH 

14,680 

5 77 

0 548 

9 5 X 10* 

34 

(CH 8 ) 2 NH 4- C 8 H 6 I 

c 2 h 6 oh 

14,740 

275 

1 10 

4 0 X 10 4 

34 

(iso C s Hh) 8 N 4- C 8 H*I 

c 2 h 6 oh 

15,190 

180 

0.577 

3 2 X 10 4 

33 

p-H</>NH 2 + H^Cl 

99.6%C 2 H 6 OH 

16,050 

25 2 

0 063 

2 5 X 10 4 


* — —C 8 H 4 CH 2 — or —CH 2 C 6 H 4 —. 


iodide (35) and acetaldehyde (36)) or three (as in the cases of 
nitrous oxide (37) or nitrogen peroxide (38)). Furthermore, we 
have seen that no correction is necessary in calculating the veloc¬ 
ity of combination of ethyl bromide and diethyl sulfide in solu¬ 
tion. The divergence between theory and observation in the 
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examples studied here cannot therefore be attributed to the addi¬ 
tive nature of the reactions. 

Secondly, it should be observed that the experimental values of 
the velocity coefficients are generally of the same order of magni¬ 
tude as most of the reactions which have been discussed in the 
earlier section of this paper, although the general activation theory 
of chemical change (of which the collision theory is one variant) 
would lead us to expect much faster rates for reactions possessing 
such low critical increments. The interpretation given by 
Christiansen (5) and by Norrish and Smith (4) is that the rate of 
activation is in fact very fast, as would be the rate of reaction 
were it not for the deactivating influence of the solvent. In other 
words, the increase in k which would be expected from such a low 
value of E is compensated by the decrease in k brought about by 
the deactivating influence of the solvent. Now although deacti¬ 
vation to this extent has no analogy in the scanty data available 
for bimolecular reactions in gases, there is nothing inherently im¬ 
probable in the mechanism suggested, or in the necessarily very 
specific nature of the deactivation process with regard to both 
solute and solvent molecules. Nevertheless, the deactivation 
theory alone leaves the true solvent effect unsolved, for it cannot 
account for the change in the critical increment which one and the 
same reaction exhibits in various solvents. If, however, deactiva¬ 
tions be an operating factor in solutions, it becomes a matter of 
importance to inquire into the relation between the probability 
that a collision should be effective in the deactivating sense and 
the energy transfer during such a collision. The empirical data 
for thirteen gaseous unimolecular reactions (conveniently sum¬ 
marized by Ramsperger and Leermakers (39)) make it clear that 
the probability that an activated molecule will undergo chemical 
change increases with the value of the energy of activation. It is 
not improbable that a similar function connects the excess energy 
possessed by an activated molecule with the chance of transition, 
by collision with a normal molecule, into a lower quantum state. 
If this were so, we would expect the number of deactivations to be 
greatest for activated molecules with the largest critical incre¬ 
ments; the greater the excess energy possessed by the activated 
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molecule, the more readily could it be expected to part with it. 
An examination of the results given in table 10 shows that the 
reverse is in fact the case, for it is evident that the highest value of 
E coincides with the least divergence between calculated and 
observed rates of reaction. 

This observation indicates the line along which the explanation 
for the discrepancy is to be sought. Considering the results of 
table 10 broadly, we see that rates which for “normal” reactions 
would be associated with an energy of activation of about 21,000 
calories are here related to reactions which in all cases show values 
of E considerably below this figure. Furthermore, the divergence 
between the experimental and theoretical k’s diminishes steadily 
as the observed value of E increases, finally disappearing as E 
approaches that quantity (21,000) which is characteristic of 
“normal” reactions proceeding with this rate. It would appear, 
therefore, that the observed critical increments given in this table 
are false, in the sense that—by some unknown mechanism—they 
have been depressed from the normal values. 

The problem thus resolves itself into tracing the cause for the 
low values not only of S (of the Arrhenius equation—6) but also 
of -^observed. As we have seen, the deactivation hypothesis deals 
with the first of these terms only. Several mechanisms could be 
invented to account for the simultaneous lowering of S and 
E observed from their normal values, but they all prove unsatis¬ 
factory in some particular. 

Thus, if we postulate, in the first place, that the depression in 
Eobserved is due to the introduction of several internal degrees of 
freedom of the reacting molecules, it can be shown that the colli¬ 
sion term required to satisfy these conditions is of the wrong order. 
The argument is as follows. In order to estimate the value of the 
true energy of activation we assume that the velocity of reaction 
is unaffected by the mechanism, so that, by eliminating k a b ,„ ve d 
and A: ca i culllted from equations 6 and 5, we have: 

E true “ ^observed + RT ln f 00 
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The number of energy terms involved (see reference 40) is 


» • 2 ( 


■®true ^observed^ 


On substituting values of n obtained in this manner in the 
equation 



Z', which should be of the same order as the normal collision num¬ 
bers, turns out to be far too low. There is also the objection that 
-^observed should betray a detectable decrease with rise in tempera¬ 
ture, which is, of course, not the case (41). 

If we postulate, in the second place, the formation of a complex 
formed exothermically from the solvent and one of the reactant 
molecules A, and the establishment of the following equilibrium 
relations: 


A + Solvent Z! Complex + Q calories. K - —,. - = W ■ e Q/RT (11) 

[Complex] 


it can be shown that 

k /ZA - (E c - Q)/RT . 

observed l jp I * 

in which Z c is the number of collisions between molecules of the 
complex and molecules of the second reactant B, and E e is the 
critical increment for that process. This, like the preceding sug¬ 
gestion, will explain the low value of ^observed, but before this 
equation can tally completely with the experimental relation 


^observed ” S ' e 


- E/RT 


it would be necessary for W to be of a fairly high order of magni¬ 
tude—a condition that is forbidden by the Nemst heat theorem. 

The possibility should not be overlooked that, for certain reac¬ 
tions, deactivations by solvent molecules, the calling into play of 
a large number of internal degrees of freedom, the stoichiometric 
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intervention of the solvent and other factors may operate simul¬ 
taneously. But it seems premature to speculate beyond this 
stage. 

The object of this paper has been to demonstrate the existence 
of numerous reactions in solution which appear to be free from the 
complications that have just been discussed, and for which the 
collision theory offers a fairly complete interpretation. In this 
connection, one or two points remain to be mentioned. To con¬ 
clude that hydroxy bodies generally act as normal solvents, 
which allow reactions to proceed in them at about the same rate 
as in the gas, would be erroneous: in those instances dealt with in 
the earlier section of this paper they appear to exert no disturbing 
influence on the rate. The division of reactions into two groups, 
according to whether they harmonize or clash with the simple 
collision theory, appears to be genuine and not in any sense due 
to the random repression of ‘intermediate’ cases. Finally, cataly¬ 
sis by hydrogen ion and hydroxyl ion will not, of course, usually 
lend themselves to such facile treatment as that given here; it is 
proposed to return to this aspect of the problem in a forthcoming 
publication. 


SUMMARY 

The simple collision theory of chemical reaction rate has been 
shown to be in harmony with the experimental results obtained 
for numerous and fairly diverse reactions in alcoholic and aqueous 
solutions. The instances examined include several etherification 
processes, other double decompositions, an intramolecular change, 
an addition reaction, catalysis by hydrogen ion and reactions in¬ 
volving hydroxyl ion. The interpretation given by theory is 
moderately complete without introducing the concept of deacti¬ 
vation. 

Several examples are also quoted of reactions proceeding at rates 
much slower than the corresponding hypothetical gaseous reac¬ 
tions. The ideas of deactivation by solvent molecules, of the in¬ 
troduction of a large number of internal degrees of freedom of the 
reactant molecules, and of the stoichiometric intervention of the 
solvent appear to be insufficient to account separately for this; 
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and it is difficult to see in exactly what the departure from normal 
behavior consists. 

During the preparation of this work, the matter was criticized 
and the author encouraged by Mr. C. N. Hinshelwood, F.R.S., 
Professor W. C. M. Lewis, F.R.S., and Dr. N. V. Sidgwick, F.R.S. 
The writer desires to record his indebtedness to these gentlemen, 
and to the Department of Scientific and Industrial Research for 
the award of a Senior Research Scholarship. 
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INTRODUCTION 

One would hardly have guessed that the delicious perfumes of 
acacia flowers or of orange blossoms had anything in common with 
the liver oils of the flounder, mackerel, or shark; that one of the 
products of the dry distillation of rubber was the chief building 
block used by nature in the construction of the growth-stimulat¬ 
ing vitamin A, as well as of the green (chlorophylls) and yellow 
(xanthophylls) coloring matters of leaves, of the red pigments of 
annatto, the tomato, the Chinese Lantern plant, and the red 
pepper, of the yellow or orange pigments of carrots, dandelions, 
sunflowers, saffron, and yellow pansies, or of the brown pigments 
of some seaweeds; that the molecular configuration responsible 
for violet and orris perfumes likewise forms a part of the structure 
of the pigment of the carrot and of vitamin A; or that the color¬ 
ing matter of egg yolks is a mixture of the yellow pigment found 
in corn with that which occurs in leaves. Yet this appears to 
be the case, and all these apparently unrelated substances seem 
to be built up from the same simple unit, isoprene (C 6 H 8 ), a hy¬ 
drocarbon heretofore regarded as peculiar to the vegetable king¬ 
dom but now shown to play an important r61e in the animal 
organism also. 

In the following pages, it will be shown how the synthesis of 
farnesol and of nerolidol led first to that of phytol, then to that 
of squalene and of perhydrolycopene, to the determination of the 

1 Presented at the Fourth Organic Chemistry Symposium held at Yale Uni¬ 
versity, New Haven, Connecticut, December 28, 1931, under the title “Recent 
Progress in the Synthesis of Compounds Related to Isoprene.” 
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probable constitution of carotene and of other carotenoids and 
lipochromes, and finally to a structural formula for vitamin A. 

It may seem a far cry from the isoprene prepared by the de¬ 
structive distillation of rubber or from calcium carbide, to the 
carotene which appears to be the immediate progenitor of the 
growth-producing vitamin A, or from the delicious perfumes of 
certain flow T ers to the squalene of shark liver oil which may be 
the actual parent of cholesterol; but the synthetic organic chemist 
has succeeded in showing how closely connected chemically are 
these apparently totally unrelated compounds. It certainly 
never entered the minds of Kerschbaum, Harries and Haarmann, 
Ruzicka, Verley, or any of the others who attacked the problem 
of the constitution of the flower alcohols, farnesol and nerolidol, 
that in discovering the answer to a question which seemed to be 
of interest only to the perfume industry, they would also find the 
key which would solve such other riddles as the structure of 
phytol, of squalene, of many other carotenoid and lipochrome 
pigments, and possibly of vitamin A. However, this is actually 
what has happened. To what further discoveries it may lead 
no one can yet say, for work along these lines is now going on 
actively in many laboratories,—organic, phytochemical, and 
biochemical. 


PHYTOL 

In an earlier paper Bogert (55) has given a resum6 of the re¬ 
searches leading up to the establishment of the structural formu¬ 
las of farnesol and nerolidol. It will be of interest first to explain 
how this knowledge was utilized to determine the constitution of 
phytol. 

The investigations of Willstatter and others have shown that 
in the chloroplasts of plants there are four pigments or groups of 
pigments, in colloidal mixture with colorless substances of high 
molecular weight. These four groups of pigments are the chloro¬ 
phylls (a and b) the green pigments—and the carotenes and 
xanthophylls—the yellow ones. 

Both chlorophylls contain at least two carboxyl groups, one of 
which is esterified with methyl alcohol and the other with phytol 
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When chlorophyll is treated with acids (e.g., alcoholic oxalic 
acid), it loses its magnesium and yields a neutral ester, phaeo- 
phytin, as a bluish-black wax of not very constant composition. 
Alkali hydrolysis of phaeophytin gives the unsaturated primary 
alcohol phytol (5, 6 ), C 20 H 40 O, whose iodide can be reduced by 
zinc dust to the olefin phytene, C 20 H 40 . 

The experiments of Willstatter, Mayer and Hiini ( 11 ) showed 
that phytol could be reduced—electrolytically or catalytically— 
to phytanol (dihydrophytol) and to phytane, C^H^; the latter 
substance is obtained in better yield by the catalytic reduction 
of phytene. When a benzene solution of phytol is boiled with 
phthalic anhydride, phytadiene, C 2 oH 38 , is formed. Oxidation 
of phytol by means of chromic oxide gave a mixture from which 
there was isolated a ketone whose formula was proved (16, 22 ) 
to be OigEbeO. Oxidation of phytol with ozone gave this same 
CigHaeO ketone and glycolic aldehyde. 

F. Gottwalt Fischer and K. Lowenberg ( 22 , 32) finally cor¬ 
rectly deduced the structure of phytol and corroborated it by the 
actual synthesis of this alcohol. Willstatter had suggested in the 
course of his work on phytol that it might be composed of four 
reduced isoprene units. With this hypothesis before them, and 
bearing in mind the configurations of geraniol and of farnesol, 
they concluded that the most likely structure would be: 

MeaCH (CH j) jCHMe (CH 2 )»CHMe (CH 2 ) a CMe: CHCHaOH 

Oxidation of this compound should yield glycolic aldehyde and a 
CisHgcO ketone, 

Me 2 CH (CH 2 ) 8 CHMe (CH 2 ) s CHMe (CH 2 ) jCOCH, 
2,6,10-Trimethylpentadecan-14-one 

which they succeeded in synthesizing as follows. 

Farnesol, or its acetate, was reduced catalytically to hexahy- 
drofarnesol. 


Me 2 CH (CH 2 ) 2 CHMe (CH 2 ) jCHMe (CH 2 ) 2 OH 
2,6,10-Trimethyldodecan-12-ol 
Hexahydrofarnesol 
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The bromide of hexahydrofarnesol was then condensed with so¬ 
dium acetoacetate. Saponification of the product 

Me 2 CH(CH s ) s CHMe(CH 2 ) s CHMe(CHj)sCH;COOR)COCHi 
2,6,10-Trimethylpentadecan-14-one-13-acid 

gave a ketone identical with the one prepared by the oxidation 
of phytol. 

T his synthesis was corroborated by a second one, the successive 
steps in which were as follows: 

By catalytic reduction, pseudoionone was changed into its 
hexahydro derivative, and the latter was treated with acetylene 
and sodamide at a low temperature. The product (dimethyl- 
ethinylundecanol) was converted by the addition of two hydrogen 
atoms into tetrahydronerolidol. When the latter was heated for 
ninety hours with acetic anhydride at 97-98° and the product was 
saponified, it was isomerized to tetrahydrofarnesol. The bromide 
of tetrahydrofarnesol was then condensed with sodium acetoacetate 
and the product was hydrolyzed to the trimethylpentadecenone, 
reduction of which by hydrogen in the presence of palladized 
calcium carbonate gave the same C I8 H 3 eO ketone as was obtained 
by the other method of synthesis. 


Synthesis of the ketone, Ci&H 3 <jO ; from pseudoionone 

Me 2 C:CH(CH 2 ) 2 CMe:CHCH:CHCOCH 3 + H 2 -» 
Pseudoionone 

Me 2 CH (CH a) sCHMe (CH 2 ) j,COCH 8 + C 2 H 2 + NaNH/— 
Hexahydropseudoionone or 
2, 6-dimethylundecan-10-one 

Me 2 CH(CH 2 ),CHMe(CH 2 ) 8 CMeiOH)C ' CH + H,-> 

2, 6-Dunethyl-10-ethinylundecan-10-ol 

MeiCH(CH2) a CHMe(CH 2 ) i CMe(OH)CH:CH* + Ac 2 0-+ 

Tetrahydronerolidol or 
2, 6-Dimethyl-10-vinylundecan-10-ol 

Me 2 CH (CH 2 )aCHMe (CH 2 ) s CMe: CHCH 2 OH 4* PBr,-^ 
Tetrahydrofarnesol 
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Me 2 CH(CH 2 ) 8 CHMe(CH 2 ) 3 CMe:CHCH 2 Br + NaCHAcCOOR-* 

Bromide of tetrahydrofarnesol 

MeaCH (CH s ) «CHMe (CH j)«CM e: CHCH a CH (COOR)COCH > hydrolyB1B -> 

MeaCH(CHa).CHMe(CHa),CMe:CH(CHa) a COCH, + H a -> 

2, 6, 10-Trimethyl-10-pentadecen-14-one 

Me 2 CH (CH 2 ) sCHMe (CH 2 ) 8 CHMe (CH 2 ) 8 COCH s 
2, 6, 10-Trimethylpentadecan-14-one 

With the constitution of the Ci g H je O ketone established, Fischer 
and Lowenberg proceeded to the synthesis of phytol itself, using 
this ketone as initial material. The ketone was condensed with 
acetylene, the acetylene bond was then reduced catalytically to 
an olefin bond, and the product was isomerized, by heating it 
with acetic anhydride, to the tetramethylhexadecenol which was 
identical with natural phytol. 


Synthesis of phytol 

Me 2 CH(CH 2 ) a CHMe(CH 2 ) 3 CHMe(CH 2 ) 8 COCH 8 + C 2 H 2 + NaNH 2 —> 

2, 6, 10-Trimethylpentadecan-14-one 

MeaCH(CH 2 ) 1 CHMe(CHa)3CHMe(CH 2 )3CMe(OH)C: CH Auction " > 

2, 6, I0-Trimethyl-14-ethinylpentadecan-l4-ol 

Me a CH (CH 2 ) 3 CHMe(CH 2 )sCHMe(CH 2 ) s CMe(OH)CH:CH 2 + Ac s O-» 

2, 6, 10-Trimethyl-14-vinylpentadecan-14-ol 

Me 2 CH(CH 2 ) 3 CHMe(CH 2 )jCHMe(CH 2 )jCMe:CHCHjOH 

Phytol 

When digested with acetic anhydride, linalool and other com¬ 
pounds of the same type undergo both rearrangement and dehy¬ 
dration. Thus, linalool yields not only geraniol (i.e., geranyl 
acetate) but also myrcene; nerolidol yields farnesol and famesene; 
tetrahydronerolidol yields tetrahydrofarnesol and tetrahydro- 
farnesene; and 2,6,10-trimethy 1-14-vinylnentadecan-14-ol gives 
phytol and phytadiene, the latter substance being identical with 
the CioHss obtained from natural phytol by’ the action of phthalic 
anhydride in benzene solution. 
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Phytol contains both an olefin bond and two asymmetric car¬ 
bon atoms. Hence it may exist in cis-trans and in optical isomers. 

CAROTENOIDS AND LIPOCHROMES 2 

Wackenroder (1), just one hundred years'ago, isolated from 
the carrot the first pigment of this class and named it “carotin.” 
Later, Tswett (10) suggested the name “carotenoid” for the 
whole class of related pigments; this name has been generally 
adopted. Since we know that the name “carotin” would signify 
a hydrocarbon, “carotene” is now used instead. This is in 
harmony with our present system of nomenclature. 

The carotenoids occur also in the corpus luteum of cattle, in the 
serum and body fat of many animals, in the yolk of hens’ eggs, in 
the skin of man and beast, and elsewhere in the animal organism. 
The function of these pigments in plants is still obscure. Animals 
apparently get these coloring matters entirely from their plant 
food and are unable to synthesize them themselves. Because 
of their solubility in fats, they tend to accumulate therein, and, 
as they become concentrated, they impart their color to the fats. 
Hence Salkowski (3) favors the familiar term “lipochromes.” 
These substances are gradually eliminated from the animal or¬ 
ganism unchanged. 

It was not until three or four years ago that the assault upon 
the problem of the constitution of these pigments began to make 
real headway. Since then it has advanced with increasing speed, 
as knowledge of the field has expanded, methods of obtaining the 
natural products in sufficient amount and purity have been 
improved, and new recruits have joined the ranks of the in¬ 
vestigators. 

It seems clear now that most, if not all, of the carotenoids are 
composed of isoprene units. They differ from the terpenes 
and camphors in that while the latter are formed by simple 
polymerization or condensation of isoprene units, the genesis of 

2 For an excellent review of this subject, covering the period prior to 1922, the 
reader is referred to “Carotenoids and Related Pigments,’’ by Leroy S. Palmer, 
American Chemical Society Monograph Series, Chemical Catalog Co., Inc., New 
York (1922). 
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the carotenoids from such units is accompanied by considerable 
dehydrogenation, resulting in the formation of numerous double 
bonds, often in conjugated systems. 

In the terpenes, sesquiterpenes, and diterpenes, there appar¬ 
ently exists a chain of normally conjugated isoprene units, result¬ 
ing from the successive linear, “head to tail” union of two, three, 
or four isoprene molecules. In the case of the triterpene, squa- 
lene, and of the carotenoids derived from tetraterpenes, however, 
this building plan has not been continued; these larger molecules 
seem to be formed by the union of two of the shorter chains (e.g., 

TABLE l 


Simple carotenoids and lipochromes 


NAME 

MOLECULAR 

FORMULA 

DOUBLE BONDS 

ACYCLIC OR 
CYCLIC 

Squalene .. . ... 

: 

C 30 H 50 

6 

Acyclic 

Lycopene . 

C 4 ()H 56 

13 

Acyclic 

Carotenes.. 

C«H* 

11 

Cyclic 

Vitamin A . . 

CioHgoO 

5 

Cyclic 

Leaf xanthophylls 

C40H66C2 

11 

Cyclic 

Lutein (?). 

C 40 H M O s 

11 

Cyclic 

Zeaxanthin . . . 

C40H58O2 

11 

Cyclic 

Capsanthin . ... 

Cs&HftoOs (?) 


Cyclic 

Taraxanthin . 

C40HB6O4 


Cyclic 

Violaxanthin 

C 4 oHb«0 4 

! 

Cyclic 

Fucoxanthin 

C 4 oH 6 flO« 

10 

Cyclic 

Crocetin (alpha-) 

C20H24O4 

7 

Acyclic 

Bixin. . . 

C25H30O4 

9 

Acyclic 

Azafrin .... . ... 

C 28 H^oO, (?) 

7 

Acyclic 


farnesol, phytol, etc.), with production of a chain which cannot 
increase in length by similar processes. It is doubtful, therefore, 
that isoprene derivatives of higher molecular weight, such as 
rubber, whose molecule Staudinger believes may contain 1000 
isoprene residues, are made up of chains of isoprene units in 
normal conjugated systems. In fact it is not at all unlikely that 
they are built up on a totally different plan. 

In table 1 are listed the simple carotenoids and lipochromes 
which have been described to date. These may occur in nature, 
either free or in combination (generally as esters or glucosides). 
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On scanning this list, the interesting fact will appear that the 
formula for each one of these compounds, with the exception of 
azafrin (whose formula is still very much in doubt), is some multi¬ 
ple of C 6 . 

Squalene or spinacene, CaoH i0 

In the liver oil of sharks, and of certain other elasmobranch 
fish, there occurs a compound known as squalene, which has 
been proven to be identical with the “spinacene” discovered by 
Chapman (15) in the liver oils of certain deep-sea fish caught off 
the Moroccan coast. 

The work of Heilbron and his associates (30, 31) has shown 
that this substance is a dihydrotriterpene, of the formula C 3 oH 60 . 
It adds six molecules of hydrogen and hence must be an acyclic 
hydrocarbon with six olefin bonds. 

Or the basis of the products formed by the oxidation of squa¬ 
lene and of some of its hydro derivatives, as well as upon other 
reactions, Heilbron proposed several unsymmetrical formulas, 
no one of which was altogether satisfactory. One of the prod¬ 
ucts which he obtained by ozonolysis of partly reduced squalene 
was a ketone, Ci 9 H 3 8 0 . By synthesizing this ketone from hexahy- 
drofarnesol, Karrer (43) proved it to be 2,6,10-trimethylhexa- 
decan-15-one. 

Me 2 CH(CH 2 ),CHMe(CH 2 ) s CHMe(CH 2 ) 2 OH-» 

Hexahy drof arnesol 

Me 2 CH(CH 2 )aCHMe(CH 2 ) s CHMe(CH 2 ) 2 Br + Mg-> 

Me s CH(CH s ),CHMe(CH 2 )»CHMe(CH,) 2 MgBr + ClCH 2 OMe-> 

Me 2 CH(CH 2 ),CHMe(CH 2 ),CHMe(CH 2 ) 2 CH 2 OMe + HBr —> 

Me 2 CH(CH 2 )aCHMe(CH 2 )aCHMe(CH 2 ) 2 CH 2 Br + NaCH(COOR)Ac-> 

Me 2 CH(CH 2 )aCHMe(CH 2 )aCHMe(CH 2 ) 2 CH 2 CH (COOR)COCHj —♦ 

Me 2 CH(CH,),CHMe(CH 2 ),CHMe(CH 2 ) 2 CH 2 CH 2 COCHa 

2,6,10-Trimethylhexadecan-15-one 

Karrer (43) then suggested a symmetrical formula for squalene. 
He and Helfenstein (56) demonstrated the correctness of this 
deduction by the synthesis of squalene from famesol, pointing 
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out at the same time how such a chain might originate by benzoin 
condensation or by the pinacone reduction of two moles of famesal. 

Synthesis of squalene 

Me 2 C:CH(CH 2 ),CMe:CH(CH 2 ) 2 CMe:CHCH 2 OH + PBr.—-—> 

Farnesol 

Me 2 C:CH(CH 2 ) 2 CMe:CH(CH 2 ) 2 CMe:CHCH 2 Br + Mg (or K) —> 

Farnesyl bromide 

Me 2 C: CH (CH 2 t 2 CMe: CH(CH 2 ) 2 CMe: CHCH 2 

Me 2 C:CH (CH t ) 2 CMe • CH (CH 2 ) 2 CMe: CHCH, 

Squalene 

2 Me 2 C:OH(CH 2 ) a CMe:CH(CH 2 ) 2 CMe: OHCHO -> 

Farnesal 

Me 2 C:CH(CH 2 ) 2 CMe : CH(CH 2 ) 2 CMe : CH-CH(OH) —CH(OH) 

I or | —> 

Me 2 C:CH(CH 2 ) 2 CMe : CH(CH 2 ) 2 CMe : CH-CO —CH(OH) 

Me 2 C:CH(CH 2 ) 2 CMe: CH(CH 2 ) 2 CMe: CHCH, 

I 

Me,C: CH(CH 2 ) 2 CMe: CH (CH 2 ) 2 CMe: CHCH, 

Squalene 

In this synthesis, the yields were low because of the impossi¬ 
bility of securing a pure farnesyl bromide. Both farnesyl and 
nerolidyl bromides tend to change partly into one another by 
the reversible reaction 

—CMe: CH • CH 2 Br «=± -CMeBrCH:CH, 

so that squalene can be prepared by starting with either farnesol 
or nerolidol. The synthesis of squalene is the first synthesis of a 
naturally occurring triterpene. 

Heilbron, Kamm, and Owens (17) call attention to a possible 
relationship between this hydrocarbon, stigmasterol (C 30 H 50 O), 
and cholesterol (C 27 H 46 O), and report that feeding experiments 
carried out on rats by H. J. Channon, of University College, 
London, showed that the administration of squalene resulted in 
the cholesterol content of the liver being more than doubled. 



RECENT ISOPRENE CHEMISTRY 


275 


This indicates that squalene may be a precursor in cholesterol 
synthesis in the animal body, perhaps, as Karrer (56) has sug¬ 
gested, by multiple cyclization and demethylation of the squalene 
molecule. Further, Andre and Canal (29) have found that in 
young and old sharks the cholesterol and squalene appear to 
bear a reciprocal relation, inasmuch as in young fish the cholesterol 
predominates, whereas in old ones there is more squalene than 
cholesterol. 


Lycopene {ly copin), C 4 oH 6S 

The red coloring matter of the tomato (Lycopersicum esculen- 
tum), known as lycopin (or, better, lycopene), was first isolated 
in the pure condition by Willstatter and Escher (8); its molecular 
formula was shown to be C 4 oH 66 . 

Under proper conditions, lycopene will add thirteen moles of 
hydrogen and the perhydrolycopene, C 4 oH 82 , so obtained shows 
by its molecular refraction and its other properties that it belongs 
to the paraffin series. Lycopene itself therefore must be an 
acyclic hydrocarbon carrying thirteen double bonds (or their 
equivalent). Hydrolysis of lycopene ozonide gave large amounts 
of acetaldehyde and of acetic acid, as well as acetone. The 
presence of the latter is evidence for a terminal Me s C: group. 

If we assume that lycopene is built up of eight isoprene rests, 
there would be six intermediate — C 5 H 6 — groups, and two ter¬ 
minal —C 3 H 7 groups, making a total of C 40 H 60 , and leaving six 
hydrogen atoms to be accounted for, presumably by formation of 
saturated linkages. If these saturated carbon atoms were grouped 
at one end of the chain, ozone cleavage should give higher fatty 
acids than those isolated. Hence all thirteen double bonds cannot 
be conjugated. However, the deep color of lycopene makes it 
likely that its molecule contains a still larger number of conju¬ 
gated double bonds than either crocetin or bixin, where it has 
been shown that deep color requires more than four conjugated 
double bonds. On the basis of these considerations, an unsym- 
metrical formula was proposed for lycopene, in which the loca¬ 
tion of the CH 2 groups was unsettled; however, it was regarded as 
unlikely that any carbon atom carrying a methyl side chain was 
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hydrogenated, for it would then constitute a center of asymmetry 
leading to optical activity, while hydrogenated lycopene is 
optically inactive. 

Further study of the problem, however, convinced Karrer 
(43, 57, 64) that the lycopene formula should be symmetrical 
rather than unsymmetrical. He justified this conclusion by the 
synthesis, from dihydrophytyl bromide and potassium, of a per- 
hydrolycopene, C 4 oH M , a 2, 6, 10, 14, 19, 23, 27, 31-octamethyl-ra- 
dotriacontane, which agreed in its properties with the perhydro- 
lycopene obtained by the hydrogenation of lycopene itself. 

Synthesis of perhydroiycopene 

Me 2 CH (CHi) 3 CHMe (CH 2 ) 3 CHMe (CH 2 ) s CHMe (CH,) a OH -> 

Dihydrophytol 

Me 2 CH(CH 2 ) 3 CHMe(CH 2 ) 3 CHMe(CH 2 ) 5 CHMe(CH 2 )Br + K-» 
Dihydrophytyl bromide 

(Me*CH(CH*),CHMe(CH,),CHMe(CH,),CHMe(CH 1 ) # )i - C 4 oH 82 
Perhydroiycopene 

Such a structure for lycopene explains satisfactorily its optical 
inactivity, the fact that when oxidized with potassium perman¬ 
ganate it yields only succinic acid and about 4.5 moles of acetic 
acid, that when treated with chromic oxide it yields six moles of 
acetic acid, and that upon ozonolysis 80 per cent of the calcu¬ 
lated amount of acetone is obtained. 

The explanation of the apparent interruption, in the middle 
of the chain, of the usual conjugation of the isoprene units, is that 
this sequence of four CH groups is due to the probable formation 
of such a chain from two moles of a C 20 chain as indicated below. 

Possible origin of lycopene 

2 Me 2 CH(CH 2 ),CHMe(CH 2 ),CHMe(CH 2 ),CMe : CHCHO — by benzoln condensation 
Phytol aldehyde or plnacone reduction 

Me 2 CH(CH 2 ),CHMe(CH 2 ),CHMe(CH 2 ),CMe: CH—CH(OH) —CH(OH) 

or 

Me 2 CH(CH 2 ),CHMe(CH 2 ),CHMe(CH 2 ),CMe: CH—CO —CH(OH) 


(Me,C: CH(CH 2 ) 2 CMe: CHCH : CHCMe : CHCH : CHCMe: CHCH:), 

Lycopene 
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Carotene, C 4 oH 66 

Carotene itself is quite widely distributed in both vegetable 
and animal kingdoms. For reasons which will appear as we 
proceed, it is perhaps the most interesting member of the group. 

Its molecular formula was established by Willstatter (7) as 

C40H66. 

In 1928, Zechmeister, Cholnoky and Vrabely (27), by catalytic 
reduction, succeeded in adding eleven moles of hydrogen to caro¬ 
tene, and thereby obtained a C 40 H 7 8 compound, which behaved as 
though saturated, and hence probably contained two cycles in 
its molecule. From this they reasoned that carotene itself also 
probably contained two such cycles. 

Karrer has shown that the ozonolysis of carotene does not yield 
any acetone; this indicates the absence of terminal :CMe 2 groups. 
Furthermore, the hydrocarbon is optically inactive. Karrer and 
his coworkers (35, 37, 38, 40,43) also found that when carotene 
was oxidized by potassium permanganate, /8-ionone was formed 
first and then the usual oxidation products of this ionone, namely, 
dimethylmalonic acid, a, a'-dimethylsuccinic acid, a, a'-dimethyl- 
glutaric acid, geronic acid, and 4.4 moles of acetic acid, but no 
isogeronic, butane-2, 2, 4- or pentane-2, 2, 5-tricarboxylic acids. 
When chromic oxide was the oxidizing agent, carotene gave six 
moles of acetic acid. 

On the basis of these and other experimental observations, 
Karrer came to the conclusion that carotene, like the isomeric 
lycopene, possessed a symmetrical structure, in that both ends 
of the hydrocarbon chain were identical, and that carotene 
differed from its isomer in having the two ends of the lycopene 
chain cyclized. He therefore proposed (43) the following formula 

“CHaCMcCCH : CHCMe: CHCH . CHCMe : CHCH:1 
1 !! 

LCHjCHj-CMe J, 

^-Carotene 

C40H56 

and made the interesting suggestion that perhaps irone, the 
odorous principle of the orris root, and an isomer of ionone, 
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CH a CMe 2 CCH: CHAc 


I II 

CHjCHj-CMc 

£-Ionone 


CHCMe 2 CHCH: CHAc 

li l 


CH—CHsCHMe 


/9-Irone 


was formed in the plant by the oxidation of some carotenoid 
constituent. This Karrer formula has been supported also by 
ozonolysis experiments reported lately by Pummerer, Rebman, 
and Reindel (81). 

In the United States, J. H. C. Smith (82) carried out some 
interesting experiments on the hydrogenation of carotene and 
found that one mole of hydrogen was added by aluminum 
amalgam in ether solution, and nine or ten moles of hydrogen by 
hydrogenation in the presence of the Adams catalyst. From 
these studies, he drew the conclusion that the gradual decrease 
in rotation on hydrogenation showed that the double bond hardest 
to saturate was that responsible for the asymmetry of the mole¬ 
cule and that the unsaturation reduced by the action of alumi¬ 
num amalgam w as probably attached to a ring. He proposed for 
carotene, therefore, a structure consisting of a straight chain of 
nine conjugated double bonds, which chain was conjugated further 
with two cyclopropane rings, thus resembling somewhat the 
formula suggested by Karrer, Helfenstein, Wehrli, and Wettstein 
(43). 

Kuhn and Lederer (75, 79) have very recently succeeded in 
separating carotene into an a- and a /3-carotene. From carotene 
tetraiodide and mercury (or sodium thiosulfate), they prepared 
an isocarotene, apparently closely related” to /3-carotene but not 
as yet discovered in nature. All three carotenes possessed the 
C 40 H 56 formula. 

Karrer, Helfenstein, Wehrli, Pieper, and Morf (58) have also 
succeeded in separating natural carotene into a dextrorotatory 
a-form (m.p. 170°) and an optically inactive /3-isomer (m.p. 
181-2°). The structure given previously (p. 277) is ascribed to 
the /3-form. It is possible that a-carotene is itself non-homo- 
geneous, for the separation of such mixtures is exceedingly diffi¬ 
cult, and until this question is decided its correct constitutional 
formula must remain in doubt. 
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However, if this a-carotene is really a chemical individual, 
Karrer and Morf (60) believe that it carries an olefin bond be¬ 
tween carbon atoms 3 and 4 in one ring, with an asymmetric 
carbon atom in the other ring, the structure of this latter cycle 
being uncertain. They propose, as the most plausible formula 
for a-carotene, the following structure. 

CHjCMejC: CHCH: CMeCH: CHCH: CMeCH: CH 

I I 

CH,CH-CMe 

CH 2 CMe 2 C: CHCH : CMeCH : CHCH: CMeCH: CH 

I I 

CHjCHj-CHMe 

a-Carotene 

C< 0 H m 

For the bright yellow dihydro derivative (82) formed by reduc¬ 
tion with aluminum amalgam in moist ether solution they pro¬ 
pose the structure 

CH 2 CMe 2 CCH : CHCMe : CHCH : CHCMe : CHCH 

I il 

CH 2 CH 2 -CMe 

CHjCMe 2 CHCH : CHCMe • CHCH : CHCMe : CHCH 

I I 

CHuCHj-CHMe 

Dihydro-a-carotene 

CioHfig 

since aluminum amalgam attacks conjugated but not uncon¬ 
jugated olefin bonds, and would act on the ends of this multiple 
ethylenic system with a consequent general rearrangement of 
the unsaturation. 

Kuhn and Lederer (75) point out that the presence of the 
structure 

CH 2 CMe 2 (C)H—CH: CHCMe: 

I I 

CH 2 CH=s=CMe 

would account for the asymmetric (0) believed to exist in the 
a-carotene molecule. 
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With ipotassium permanganate, a-carotene yields a,a '-di- 
methylsuccinic acid, while its dihydro derivative gives <*,«'- 
dimethylglutaric acid. Hence the ring double bond in the latter 
is at 2, 3; this explains the formation of geronic acid from the 
dihydro derivative on ozonolysis. It also explains why ozonoly- 
sis of crude carotene gives dimethylglutaric, but no isogeronic 
acid. 

Studies of the absorption spectra (72) of solutions of a- and 
/3-carotenes confirmed the assumption of their non-identity, 
indicated that the /S- form was symmetrical, that the a-isomer 
contained an asymmetric carbon atom in one or both rings, and 
that the chain of conjugated double bonds was the same in both. 

A dihydro derivative was prepared also by the action of alumi¬ 
num amalgam upon a moist ether solution of /3-carotene (62). 

Pure, optically inactive, jS-carotene (65), like the natural caro¬ 
tene mixture, yields geionic acid on ozonolysis. Comparison of 
the yields of this acid from /3-ionone and from this /3-carotene, 
under identical conditions, support the assumption of the pres¬ 
ence of two /3-ionone rings in /3-carotene and thus corroborate 
the symmetrical formula already devised. 

When this pure /3-carotene was reduced by aluminum amalgam 
to the dihydro derivative and the latter was ozonized, 18.5 per 
cent of the calculated (assuming two /3-ionone rings to be present) 
amount of geronic acid was obtained, showing that the hydrogen 
had not been added, as assumed by Kuhn and Winterstein(25), 
at the ends of the conjugated system of olefin bonds, possibly 
because of the stereointerference of the side chains. 

Since certain color reactions which have been used to show the 
presence of vitamin A are given also by carotenoids, experiments 
were conducted to ascertain whether or not these latter had any 
growth-stimulating properties when administered to animals. 
The only ones found to exhibit this property were carotene and 
xanthophyll. In fact, the vitamin A action of highly purified 
carotene is very great. The recent experiments in this field by 
von Euler, Demole, Karrer, and Walker (42) led to the conclusion 
that the active growth-stimulating principle of plants was either 
carotene itself or a compound which was chiefly or wholly com- 
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bined with carotene and not separated from it by crystallization. 
However, in the case of cholesterol, as is known, 100 recrystalliza¬ 
tions do not remove the last portions of ergosterol, the mother- 
substance of the antirachitic vitamin. Since vitamin A activity 
runs parallel with carotene content in plants, determination of 
the latter can be used to estimate the former. Vitamin A of man 
and animals apparently is not identical with carotene, but may 
owe its genesis to the influence of carotene or to the rearrange¬ 
ment of the latter. 

When fed to rats, at the rate of 0.01 mg. per day, the daily 
growth was <0.75 gram for the a- and 1.0 gram for the /3-isomer 
(72). The dihydro-a- and /3-carotenes also exhibited strong 
growth-stimulating properties (60, 62). 

In a recent article, Ahmad (51) states: “There is now ample 
evidence that administration of carotene to animals fed on vita¬ 
min A-deficient diet is followed by a return to normal health and 
the appearance in the liver of a substance showing the properties 
of vitamin A.” In feeding experiments on rats, he noted the 
formation from carotene of a substance resembling vitamin A, 
but was unable to show this in the case of cats, or in experiments 
carried out in vitro with either intestinal bacteria or liver tissue. 

Olcott and McCann (80), however, were more successful in 
that they found that carotene was changed to vitamin A by in¬ 
cubation in vitro with fresh liver tissue, or with an aqueous ex¬ 
tract of liver, by what appeared to be an enzyme, for which they 
proposed the name “carotenase.” 

Since vitamin A deficiency is often accompanied by anemia, 
Binet and Strumza (54) studied the hemoglobin-producing power 
of carotene. Ajdministered to dogs, it caused an immediate and 
striking increase in the hemoglobin content of the blood. 

Vitamin A from fish livers 

Following up these discoveries in the carotenoid and lipochrome 
field, Karrer and his coworkers (66, 67, 71) are now engaged in 
a direct attack upon the constitution of vitamin A itself. 

After laborious purification, a vitamin A preparation of 10,500 
C. L. O. (cod-liver oil) units was obtained from the liver oil of 
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Hippoglossus hippoglossus (a Norwegian flounder). This prep¬ 
aration was ten times as active as carotene or Japanese biosterin 
in growth stimulation, and also in respect to the Carr-Price 
antimony trichloride reaction, which generally runs approximately 
parallel with growth stimulation. 

By the action of aluminum amalgam upon its moist ether 
solution, it was reduced, although slowly and gradually, behaving 
in much the same way as carotene. On the other hand, it was 
much more resistant than most carotenoids to catalytic reduc¬ 
tion, possibly owing to the presence of catalyst poisons. 

The most interesting result was that obtained by ozonolysis, 
which yielded geronic acid, the amount of which increased with 
increase in the Lovibond figure of the material ozonized. From 
this it follows that the vitamin A of this liver oil contains the same 
carbon ring system as /3-ionone and carotene, 

CH 2 CMe,CCH: . 

I II 

CHjCHj-CMe 

and in this sense is therefore a carotene derivative. The molec¬ 
ular weight of this vitamin A (of 10,500 C. L. O. units = over 
100,000 blue values) was found to be 320 (in camphor). On the 
basis of this molecular weight, of the geronic acid yield on ozonol¬ 
ysis, and on the assumption of the existence of one /3-ionone ring 
in the molecule, the content in pure vitamin A was calculated 
as 50 to 80 per cent. Apparently about 5 per cent of vitamin D 
was also present. 

Oxidation by potassium permanganate gave considerable quan¬ 
tities of acetic acid, as in the case of the carotenoids. This speaks 
for the presence of :C-CMe: groups. The yield corresponded 
to 8.5 per cent of methyl carbon—as against 11.2 per cent in 
carotene—oxidized to acetic acid. 

Since the color (an intense violet red) formed when this vitamin 
A preparation was treated with concentrated sulfuric acid re¬ 
sembled the color reaction obtained with dihydrocrocetin, Karrer 
thinks it probable that, like the latter, this vitamin A carries a 
conjugated system of six olefin bonds. Experiments have been 
undertaken, therefore, to synthesize compounds of this type. 
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From other fish-liver oils, vitamin A preparations of still 
greater potency have been secured (67). From the liver oil of 
one of the mackerels (Scombresox saurus), a vitamin A fraction 
of high Lovibond value was separated as a thick, pale yellow, oil 
whose analysis, like that of the Hippoglossus vitamin A prepara¬ 
tion, indicated a formula of C 20 H 30 O, or C 22 H 32 O, and which was 
apparently an alcohol, since esters could be prepared from it. 
Saponification of these esters by alcoholic alkali regenerated the 
original alcohol with all of its original properties. This is in 
agreement with the conclusions of Bacharach and Smith (21) 
that the vitamin A of cod-liver oil is an alcohol and that it exists 
in the liver as an ester. 

Optical inactivity and feeding experiments demonstrated the 
absence in these vitamin A preparations of any appreciable 
amounts of the strongly optically active sterins or of vitamin D. 
Molecular weight values determined in camphor were between 
300 and 320. Ozonolysis yielded larger amounts of geronic acid 
than the Hippoglossus preparation. Oxidation by potassium 
permanganate gave an amount of acetic acid corresponding to 
9.7 per cent methyl carbon, and by chromic oxide an amount 
corresponding to 16.3 per cent. Catalytic hydrogenation added 
approximately five moles of hydrogen and gave a product whose 
analysis agreed with the formulas C 2 oH 40 0 or C S 2 H 44 0 . 

Based upon these experiments, the following constitutions are 
proposed for this vitamin A. 

CH 2 CMe a CCH: CHCMe : CHCH : CHCMe : CHCH 2 OH 

I II 

CHjCHj-CMe 

I (C m H„0) 

CH 2 CMe 2 CCH : CHCMe : CHCH: CHCMe : CHCH: CHCHjOH 

I II 

CHjCH.-CMe 

II (Cs,H, s O) 

Scombresox vitamin A 

Formula I, which represents an alcohol derived from half a caro¬ 
tene molecule, is the one preferred. 
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It is argued that the studies of these fish-liver oils demonstrate 
the presence therein of a polyene carrying the same carbon ring 
system and an acyclic side-chain similar to that of carotene, and 
that this polyene is either itself the cause of the blue coloration 
with antimony trichloride, or is at least one of the factors in this 
reaction. Since it has been shown, by Moore and by von Euler, 
that the liver of animals does not give this color reaction until 
after feeding the animals with carotene and that the substance 
isolated from livers possesses a carotenoid structure, it is not 
unreasonable to assume that it owes its formation there to a 
breakdown of the carotene molecule. Ahmad and Drummond 
(52) state that “colorimetric, spectroscopic, and biological 
examination showed that stores of vitamin A accumulate in the 
liver following administration of carotene.” 

Since, in general, Lovibqnd values and growth-stimulating 
power run parallel in such liver oils, it follows that this polyene 
has a growth-stimulating property, but that it alone is responsible 
for this effect of these liver oils remains to be proven. 

Xanthophyll, C 40 H& 8 O 2 

In the chloroplasts of green leaves, in addition to carotene, 
another yellow pigment, xanthophyll, was separated in crystalline 
condition by Willstatter and Mieg (7), and its formula found to 
be C4oH 6 e0 2 . On oxidation it yielded no acetone, and hence does 
not contain a terminal :CMe 2 group. Zechmeister (28) con¬ 
cluded that it was probably an acyclic compound carrying eleven 
olefin bonds. 

Karrer and Jirgensons (45) succeeded in preparing its mono¬ 
methyl, but not its dimethyl ether. Esters were easily prepared 
from it, by the action of acid chlorides and pyridine, and several 
(e.g., the dipropionate and the dipalmitate) have been described 
by Karrer and Ishikawa (44). 

Kuhn, Winterstein, and Lederer (77) compared the xanthophylls 
from the leaves of a large number of plants and reported that one 
xanthophyll predominated (m.p. 193°; specific rotation in ethyl 
acetate, 145°), with only traces of others. They stated also that 
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they had separated the egg yolk lutein into this leaf xanthophyll 
and zeaxanthin, and proposed that the name “lutein” be retained 
for leaf xanthophyll rather than for the mixture present in egg 
yolk. 

Kuhn (77) also suggested that the term “xanthophyll” be 
restricted to the C 4 o hydroxylated carotenoids, of which the follow¬ 
ing are now known: (OH) s = lutein (xanthophyll) and zeaxan¬ 
thin; (OH)s = capsanthin; (OH) 4 = violaxanthin and taraxan- 
thin; and (OH)« = fucoxanthin. These occur in nature either 
free or as esters. 

Karrer, Helfenstein, Wehrli, Pieper, and Morf (58) point out 
that leaf xanthophyll, lutein (assuming that it is an individual 
and not a mixture), and zeaxanthin, are isomeric, all containing 
two alcoholic hydroxyl groups, but differing in optical activity. 
Like carotene, each possesses eleven olefin bonds, and yields four 
moles of acetic acid when oxidized by potassium permanganate 
and six moles when oxidized by chromic oxide. All three isomers 
with potassium permanganate give also dimethylmalonic acid and 
a, a'-dimethylsuccinic acid, but no a, a'-dimethylglutaric acid. 
The difference in the three isomers may be due to the different 
positions occupied by the hydroxyl groups or by the olefin bonds, 
to cis-trans isomerism, or to optical isomerism. 

There should exist, therefore, as remarked by Karrer and 
Nilsson (63), xanthophylls corresponding to both a- and j8-caro- 
tenes, whose optical activity would be due not only to their 
asymmetric — CH(OH) — groups, but also, in the a-forms for 
example, to the presence therein of the same asymmetric carbon 
atom to which a-carotene itself owes its optical activity. In 
support of this hypothesis, they obtained by reduction of the 
xanthophyll of stinging nettles, a perhydroxanthophyll, C 40 H 76 
(OH) 2 , whose hydroxyl groups were replaced by bromine and 
the latter by hydrogen, with the formation of a saturated hydro¬ 
carbon, C 4 oH 78 , which was optically active, whereas /3-carotenel 
as noted above, is inactive. In direction and magnitude of rota¬ 
tion, it resembled its isomer, perhydrocarotene, and the original 
xanthophyll therefore is believed to be an a- and not a /3-xantho- 
phyll. 
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CH, CH, CH, CH, 

II II 

CH,CMe,C: CHCHCCH: CHCH: CCH: CHCH: CHC: CHCH: CHC: CHCH: CVHuOH 

HOCH-CH: CMe or .—CHiC»HuOH 

o-Xanthophyll 

CH, CH, CH, CH, 

II II 

CHjCMejCCH: CHC: CHCH: CHC: CHCH: CHCH: CCH: CHCH: CCH: CHC,H 14 OH 

I II 

HOCHCH,—CMe 

/9-Xanthophyll 

The hydroxyl group in the ring of known structure is probably in 
position 5,, for if it were at 4 the compounds would be ends. 

Von Euler, Karrer, and Rydbom (70) used a purified xantho- 
phyll (m.p. 192°) obtained from the leaves of the stinging nettle 
and carefully freed from any possible carotene content. This 
was given to four rats in daily doses of 0.037 mg. It caused an 
increase in growth for four weeks; after this time the growth 
diminished and then ceased, but could be started up again by 
amounts of carotene insufficient alone to cause growth stimula¬ 
tion. These investigators hence conclude that carotene is not 
the only carotenoid concerned in the vital syntheses responsible 
for growth. 


Lutein, CioHsaOj 

This pigment of the yolks of hens’ eggs, isomeric with the 
xanthophylls of leaves, differs from them-in its low dextrorota¬ 
tion (+ 72°). 

It has been discovered recently by Zechmeister and Tuzson 
(50) that it is the yellow pigment of sunflower sepals (Helianthus 
annuus ), and that it exists there largely in the form of a crystalline 
ester. According to Kuhn and Lederer (78), it occurs also in the 
dandelion as a fatty acid ester. 

Kuhn, Winterstein, and Lederer (77) have recently succeeded 
in separating the lutein of hens’ egg yolks into leaf xanthophyll 
and zeaxanthin, as mentioned in the preceding section, but the 
complexity of the luteins of the sunflower and of the dandelion 
is still to be demonstrated. 
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Zeaxanthin, C 4 oH 5 «Oj = C 4 oH 6 4(OH ) 2 

This crystalline yellow pigment from yellow com (Zea Mays), 
although isomeric with xanthophyll and lutein, is quite different 
from them. 

The researches of Kuhn and his associates (36, 47), and of 
Zechmeister and Cholnoky (48, 49), have made it clear that it 
contains eleven double bonds and two alcoholic hydroxyl groups, 
since it adds eleven moles of hydrogen when reduced catalytically 
in cyclohexane solution, and reacts with acid halides to form 
esters carrying two acyl groups per mole. Oxidized by chromic 
oxide, it gives six moles of acetic acid. With ferric chloride, the 
green color reaction of leaf xanthophyll is obtained. 

In the berries of the sea-buckthorn ( Hippophaes rhamnoides ), 
there exists a pigment which Karrer and Wehrli (46) have shown 
to be an ester of zeaxanthin. 


Physaliene, C 72 H 118 O 4 

The physaliene, isolated by Kuhn and Wiegand (36) from the 
Physalis, alkekengi or Chinese Lantern plant, has been found by 
Zechmeister and Cholnoky (48) to be also the pigment of the red 
berries of the boxthorn ( Lyoium halimifolium). 

Through the further researches of Kuhn, Winterstein, andKauf- 
mann (47), and of Zechmeister and Cholnoky (13), it has been 
assigned a molecular formula of C 7 2 Hn 6 04 . It appears to be a 
zeaxanthin dipalmitate, or C 4 oHm(OCOCi6Hji) 2 , since, when 
hydrolyzed by methyl alcoholic potassium hydroxide, it yields 
zeaxanthin and palmitic acid, and conversely, a compound similar 
to it has been synthesized from zeaxanthin, palmityl chloride, 
and pyridine. Other zeaxanthin esters were also synthesized 
(the dilaurate, distearate, etc.), and these investigators expressed 
the belief, which has since been justified, that many such “polyene 
waxes” would be discovered in nature. 

Karrer and Pieper (61), however, observed that on ozonolysis 
physaliene yields some azelaic acid, HOOC(CH 2 ) 7 COOH, and 
hence believe that it also contains an ester of an R • CH: CH (CH 2 ) 7- 
COOH acid, which may be oleic. 
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Capsanthin, CmHmOs, or CasHsoOs 

This pigment of the paparika (Capsicum annuurn ) was separ¬ 
ated by Zechmeister (19, 20) from the ripe fruit. 

Zechmeister and Cholnoky (83), by the use of suitable solvents, 
extracted from the fruit hard red waxes which, when hydrolyzed 
by 10 per cent potassium hydroxide in methyl alcohol, gave 
capsanthin, a yellow dye, and various acids. From capsanthin, 
by the action of the acid chlorides and pyridine, a number of 
esters were prepared—the diacetate, dipalmitate, dioleate, etc. 
The capsanthin obtained by hydrolysis of its specially purified 
esters gave analytical figures which agreed better with Ca 6 H 6 o0 3 , 
or CssHsoOa, than with the CsJItgOs formula previously assigned 
to this product. 

The pigment of the Japanese red pepper is also capsanthin 
(84), contrary to the statement of Bilger (53). 

Oxidized by potassium permanganate, it gives dimethyl- 
malonic and a,a'-dimethylsuccinic acids, but no a,a'-dimethyl- 
glutaric acid. Karrer (58) believes that at least one ring is 
present like that found in carotene and xanthophyll. Perhaps 
both ends of the chain are cyclic, since it forms no acetone when 
oxidized by ozone. There seem to be five isoprene units in the 
molecule. 


Taraxanthin, C 40 H M O 4 

From dried dandelion (Taraxacum officinale) petals, Karrer 
and Salomon (41) isolated a xanthophyll identical with the one 
found by Schunck (4) in dandelion leaves. 

Kuhn and Lederer (78), by extracting a large quantity of dried 
dandelion blossoms with organic solvents, saponifying the extract 
with alcoholic alkali, and purifying the saponified products, 
obtained a mixture of xanthophylls, from which they isolated 
taraxanthin (about 60 per cent of the total), C 40 H M O 4 , as a new 
xanthophyll, also lutein, and a small amount of what appeared to 
be violaxanthin. Taraxanthin is isomeric with violaxanthin and 
resembles it closely. They probably possess the same carbon 
skeleton, with the hydroxyl groups in different locations. 
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Violaxanthin, C 4 oH 66 04 

This xanthophyll was extracted from the petals of the yellow 
pansy ( Viola tricolor), where it occurs as an ester, by Kuhn and 
Winterstein (73), who made a careful study of it. It is also 
found as an ester in dandelion blossoms (78). The behavior of 
its perhydro derivative with methylmagnesium iodide indicates 
that its four oxygen atoms are all present as hydroxyl groups. 

Karrer and Morf (68), on repeating this work, could detect 
only three hydroxyl groups by the Zerewitinoff method. The 
pure compound is a crystalline solid, m.p. 207-8° (corr.). Oxi¬ 
dized by potassium permanganate, it forms a, a'-dimethylsuccinic 
acid, like xanthophyll, zeaxanthin, and a-carotene, and hence 
probably also contains the ring 

CH 2 CMe 2 CCH :.... 

! II 

HOCH • CH-CMe 

Fucoxanthin, C 4 oH m Oj(?) 

This pigment from the Phaeophyceae, or brown algae, was 
isolated by Willstatter and Page (13). Its molecular formula is 
probably C 4 oH 6 bO«, and it possesses more strongly basic proper¬ 
ties than many of the other carotenoids. 

Hydrogenation experiments (58) in Karrer’s laboratory indi¬ 
cate ten olefin bonds. Oxidized by potassium permanagnate, it 
yields acetic acid (4.5 moles) and dimethylmalonic acid, but no a, 
a'-dimethylsuccinic or a, a'-dimethylglutaric acids. It is related 
to carotene and to xanthophyll, and may contain two rings, both 
more highly hydroxylated than in the case of xanthophyll. In 
what form the six oxygen atoms are present, is still a puzzle. 

Crocetins 

These dyes of the saffron ( Crocus sativus) have been the sub¬ 
ject of some very interesting studies by Karrer and his coworkers, 
who have shown that there are three of them, a-, 0- and ?-cro- 
cetin, and that the a-form occurs also (33) in the Gardenia 
grandiflora. 
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Karrer and Salomon (18, 23, 24) came to the conclusion that 
the a-crocetin was a dicarboxylic acid, Ci 7 H 20 (COOH) 2 , of which 
/3-crocetin was the monomethyl ester and y-crocetin the dimethyl 
ester. 

a-Crocetin adds seven moles of hydrogen and must therefore 
be acyclic (Ci 7 H 3 4 (COOH) 2 = CnH 2 „(COOH) 2 ). Its deep color, 
strong light absorption in the ultraviolet, intense halochromism 
with concentrated acids, and its many analogies with the diphenyl 
polyenes, C6H 6 (CH:CH) X C 6 H 6 , of Kuhn and Winterstein, led 
to the conclusion that all its double bonds were conjugated. 

The molecular refraction of dihydro-a-croeetin (crocetin itself 
could not be melted without decomposition) showed the presence 
of six double bonds in conjugation. Hence, a-crocetin itself 
contains seven such double bonds. Addition of the seven moles 
of hydrogen saturated these seven olefin bonds and, with the 
two carbons of the carboxyl groups, accounted for sixteen of the 
nineteen carbon atoms in the molecule. Oxidation of crocetin 
with potassium permanganate gave more than two moles of acetic 
acid. Assuming that the three remaining carbon atoms are 
present as methyl side chains, arranged as usual in terpene chains, 
the formula of a-crocetin would be as follows. 

HOOCCH: (CHCMe: CHCH:) jCHCOOH = C„H 22 0 4 
a-Crocetin 

By addition of hydrogen to the double bonds, the color of 
a-crocetin is gradually discharged, a-crocetin being orange, the 
dihydro derivative (by titanium trichloride) sulfur yellow, and 
the hexahydro derivative nearly colorless. Its various hydro¬ 
genation products also show different stability to light. 

The latest work on the saffron pigment (76), however, favors a 
C 2 oH 24 0 4 formula, rather than C 19 H 22 0 4 , for a-crocetin. This 
would make its perhydro reduction product, tetradecahydro- 
crocetin, C 2 oH 3 80 4 . The corresponding saturated hydrocarbon, 
crocetane (39), prepared by reduction of -y-crocetin (a-crocetin 
dimethyl ester) to the corresponding glycol, conversion of the 
latter to the dibromide and reduction of this dibromide, is there¬ 
fore a C 20 H 42 , rather than a Ci»H 40 , and is perhaps a stereoisomer 
of phytane. 
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Crocin, the form in which the pigment occurs in the plant, is 
then Ci 8 H 2 s(COOCjjH 2 iOii) 2 , where the sugar groups are gentio- 
biose residues, and the formula for crocetin itself is probably as 
follows. 

HOOCCMe: (CHCH:CHCMe:)jCHCOOH = C 20 H M O 4 
a-Crocetin 

This may be regarded as derived from norbixin by oxidative 
cleavage of two carbon atoms from each end of the chain. The 
methyl of the HOOC CMe: group is assumed to be oxidized by 
potassium permanganate to pyruvic and not to acetic acid. 


Bixin, C 26 H 30 O 4 = HOOCC 22 H 26 COOMe 

Bixin, the pigment present in the seeds of the annatto tree 
(Bixa orellana ) was reported first by Bolley and Piccard ( 2 ) and 
since has been studied by many chemists. 

Recent investigations (34) have shown that it is the mono¬ 
methyl ester of a dicarboxylic acid, resembling in this respect the 
/S-crocetin of the saffron, that it contains nine olefin bonds (nine 
moles of hydrogen can be added catalytically), that it yields 
/3-acetylacrylic ester by ozonolysis, m-xylene (26) on distillation, 
and four moles of acetic acid when oxidized by potassium 
permanganate. Further, it exists in stereoisomeric forms. On 
the basis of these and other experimental observations, Kuhn 
(26) proposed the following formula. 

MeOOCCH: CHCMe: CHCH: (CHCMe: CHCH) 3 CHCOOH 
Bixin 

Norbixin, the corresponding free dicarbonic acid, prepared from 
bixin by alkaline hydrolysis, like a-crocetin, gives with titanium 
trichloride both di- and hexa-hydro derivatives, whose properties 
resemble those of the crocetin derivatives, norbixin being brown- 
red, the dihydro derivative golden yellow, and the hexahydro 
derivative pale yellow. Their behavior toward light is similar 
to that of the corresponding a-crocetin derivatives. 

Karrer, Stoll, and Stevens (69) have made use of bixin for the 
synthesis of higher hydrocarbons carrying numerous methyl side 
chains, of which group the highest synthesized theretofore was 
the perhydrolycopene (lycopane), C 4 oH 8 2 , prepared from dihy- 
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drophytyl bromide and potassium, as noted in the discussion of 
lycopene. 

Electrolysis of the potassium salt of perhydrobixin, MeOCOC sa - 
H44COOK, yielded the ester 

MeOCOCjaH*** C22H44COOM6, 

which was reduced to the corresponding glycol, then to the di¬ 
bromide, which was in turn reduced to the hydrocarbon, CH 3 C 2J H 4 4 
C22H44CH3, or C 4 «H 94 (dibixane). Assuming the structure pro¬ 
posed above for bixin, that for this dibixane would be 

[Me(CHj)»(CHMeCHsCHjCHj) 4 — ], 

The neutral ester, MeOCOC 22 H 44 C 22 H 44 COOMe, was then 
partially saponified to the potassium salt of the ester acid, 
MeOCOC 22 H 44 -C 22 H 44 COOK electrolysis of which gave the ester 
MeOCO(C 22 H 4 4 ) 4 COOMe, which with methylmagnesium iodide 
gave Me 2 C(OH)(C 22 H 4 4 ) 4 C(OH)Me 2 . The latter was then re¬ 
duced to Me 2 CH(C 22 H 44 ) 4 CHMe 2 , or 2, 5, 9, 13, 17, 24, 28, 32, 
36, 41, 45, 49, 53, 60, 64, 68 , 72, 75-octadecamethylhexaheptacon- 
tane, C 9 4 H 19 o, a viscous liquid which was not obtained perfectly 
pure. 


Azafrin, C 2 8 H 4 9 04 

A natural yellow pigment discovered by Liebermann (9,12,14) 
in azafranillo roots, and known as azafrin, has been investigated 
by Kuhn, Winterstein, and Roth (49), who have established its 
molecular formula as C 28 H 40 O 4 , and have found that it adds seven 
moles of hydrogen to form perhydroazafrin, C 28 H 64 0 4 , and that 
both are dihydroxy monobasic acids and optically active. The 
carboxyl group is readily esterified, but the hydroxyl groups could 
not be acylated and hence are believed to be tertiary. Oxidized 
by chromic oxide, azafrin gives an amount of acetic acid corre¬ 
sponding to five isoprene residues. In many ways it seems closely 
related to bixin and crocetin. They propose a formula, 

C 10 H,(OH) 2 (CH: CHCMe: CH)„CH: CHCOOH 

in which the Ci 0 H 7 represents a residue composed of two isoprene 
units. 
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During the past thirty years and since the important publica¬ 
tion of Engler and Weissberg (1), a number of outstanding con¬ 
tributions have very ably summarized different phases of auto¬ 
oxidation as applied to both chemistry and biology. However, 
recent investigations of experimental as well as of theoretical 
importance seem to justify a summary of the field with due 
emphasis upon new and more recent developments. In view 
of the enormous amount of literature which has appeared on the 
various aspects of the subject during the past ten years, it will 
be beyond the scope of the present review to attempt to cover the 
field in detail. Furthermore, topics such as oxidation-reduction 
potentials, which have been adequately treated by Clark (2), 
Conant (3), Michaelis (4), and others, will be only briefly men¬ 
tioned, while it is hoped that the entire field of auto-oxidation 
will be treated from a new point of view incorporating, as far as 
possible, recent ideas on activation and atomic physics. 

I. INTRODUCTION 

The simplest view concerning the mechanism of auto-oxidation 
regards it as the addition of molecular oxygen to the substance 
to be auto-oxidized with the subsequent formation of a highly 
reactive peroxide. Such a view was originally proposed by 
Engler and Wild (5, 1) and independently by Bach (6, 7; see 
also 8 and 9) and was later supported by the classical researches 
of Baeyer and Villiger (10), and by numerous other investiga¬ 
tions of more recent date. In spite of all the evidence in favor 
of this simple interpretation, a rigorous adherence to it seems to 
lead to various ambiguities, and several serious objections can 
be raised in connection with auto-oxidations of a biological na¬ 
ture and of certain organic compounds such as alcohols, phenols, 
thioalcohols, thiophenols, hydrazobenzene, hydrazine, amino 
acids, methylene white, indigo white, etc. The apparent failure 
of these compounds to form isolable organic peroxides, their 
tendency to lose hydrogen atoms in the form of water or hydrogen 
peroxide, and the fact that they can be oxidized by other oxidizing 
agents in the complete absence of molecular oxygen led first Wie- 
land (11, 12, 13) and later several other leading investigators 
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(14, 15) to propose that such oxidations are essentially dehydro¬ 
genations in which hydrogen atoms rather than molecular oxy¬ 
gen play the important r61e. 

A very serious and fundamental objection which may be raised 
against this reasoning is the recognizable fact that dehydrogena¬ 
tions effected by methylene blue, indigo blue, benzoquinone, or 
by other so-called hydrogen acceptors are not strictly comparable 
to the oxidations effected by molecular oxygen. In the latter 
case intermediate peroxides of considerable activity are almost 
invariably formed; these peroxides may either result in more 
stable organic peroxides or liberate hydrogen peroxide. This 
fact will be made clearer in the main part of this review. 

Some experiments of considerable significance bearing on the 
fundamental postulates of Wieland’s theory have been recently 
described by Gillespie and Liu (16). They found that catalyt- 
ically active palladium black prepared by the method of Gut- 
bier (17) failed, in the complete absence of oxygen, to dehydro¬ 
genate hydroquinone. Furthermore, palladium black prepared 
in accordance with the method of Wieland (11) but subsequently 
purified by complete reduction in the presence of hydrogen also 
failed to dehydrogenate hydroquinone, even when this palladium 
had been treated with oxygen to oxidize completely the adsorbed 
hydrogen. The authors have also brought forward some other 
evidence from thermodynamic reasoning in support of their 
results. Obviously, therefore, it seems highly probable that 
the palladium which Wieland used in his researches was not 
sufficiently pure to warrant the conclusions he has drawn. 

Moreover, the dehydrogenation theory has been the object of 
severe criticism by Warburg (18), Meyerhof (19), Milas (20), and 
others, who found it inadequate to account for oxidations effected 
by molecular oxygen. That dehydrogenations undoubtedly 
occur in many instances of biological and other auto-oxidations 
cannot be denied, but they occur, presumably, as secondary 
reactions between the primary products of auto-oxidation and 
the substrate. 

Of the two leading interpretations of auto-oxidation which 
have been briefly discussed in the foregoing paragraphs, the 


CHEMICAL REVIEWS, VOL X, NO 2 



298 


NICHOLAS A. MILAS 


Engler-Bach interpretation appears to account, qualitatively at 
least, for a larger set of phenomena than the dehydrogenation 
theory. Yet, even this view, in its original form, is not adequate 
to account for the recent advances made in the various phases 
of auto-oxidation, such as, for example, negative catalysis (21, 22, 
23, 24) including the chain mechanism (25, 26, 27, 28, 29) and the 
effect of narcotics or poisonous substances on biological oxida¬ 
tions (30, 19), the positive catalytic effect of peroxides and other 
positive catalysts (31, 32, 33), chemiluminescence (34, 35, 36), 
and in general, the different effects observed when kinetic studies 
are made of auto-oxidation reactions. Consequently, several 
modifications of the two leading theories have appeared in the 
literature from time to time to explain special cases. These 
will be taken up under their proper headings. 

To propose a theory which will embrace all phenomena of auto¬ 
oxidation is an extremely difficult task at present, and the elec¬ 
tronic interpretation recently proposed by Milas (20) makes an 
attempt to do this only in a qualitative way. 

II. THE ELECTRONIC INTERPRETATION OF AUTO-OXIDATION 

Briefly stated, this interpretation assumes that auto-oxidation 
proceeds by a preliminary addition of molecular oxygen to atoms 
or groups of atoms containing molecular valence electrons com¬ 
parable to the molecular valence electrons of the various elements, 
with the subsequent formation of highly metastable or dative 2 
peroxides which are characterized by high instability and energy 
content. Owing to their instability, these peroxides may transfer 
their excess energy to other molecules and thereby initiate new 
reaction chains either by reverting instantaneously to ordinary 
peroxides, or by causing intermolecular rearrangements with 
subsequent splitting of hydrogen peroxide or other organic 
peroxides. 

This reasoning implies that auto-oxidations are possible only 
when the auto-oxidants possess unshared or “exposed” electrons 

2 The term ‘ 'dative” is used here, as elsewhere, to denote a type of covalence 
in which one of the atoms in the dative bond contributes both electrons. In 
this case the auto-oxidant contributes both electrons to the oxygen molecule. 
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having their spins 3 unpaired and therefore are assumed to be in 
reactive states. Moreover, some spectroscopic evidence in con¬ 
nection with electronic bands has been brought forward by 
Mulliken (43) and Birge (44) to show that the energy levels as¬ 
sociated with valence electrons of molecules are analogous in all 
essential aspects with the valence electrons of atoms. In other 
words, molecular valence electrons are capable of existence in a 
series of electronic states. 

Since these electrons are more loosely bound to the molecule 
than electrons whose spins are already paired, they may be as¬ 
sumed to be more easily affected by environmental disturbances, 
such as collisions with neighboring molecules or electrons, radia¬ 
tion, and temperature effects. It may be postulated, therefore, 
that the first change which may occur in any auto-oxidation reaction 
(or in any chemical reaction) is the change in energy content of the 
molecular valence electrons. This change will cause an immediate 
change in the vibrational energies of the molecule, thereby caus¬ 
ing it to become activated or de-activated depending upon 
whether energy is added or removed. 

Arrhenius was the first to point out that molecules should be 
in an activated state before they can take part in any chemical 
reaction. In the case of auto-oxidation reactions, the activation 
or deactivation of molecules may be governed by the following 
energy considerations: ( 1 ) The existence of activated molecules 
depends upon the energy levels of the molecular valence electrons 
present in these molecules. (2) The energy transfer among 
molecules under ordinary conditions is governed by the “reso¬ 
nance” relation of the quantum mechanics proposed by Kallmann 
and London (45). Furthermore, this energy transfer must be 

3 The concept of spin moments of unpaired electrons as applied to chemical 
combination has arisen from some recent applications of quantum mechanics to 
chemical problems by Heitler (37), London (38), Slater (39), Pauling (40), and 
others, and the reader is referred to these for a detailed treatment of the concept. 
It may be remarked here that the electrons in unshared or "lone” electron pairs 
maybe already loosely coupled, but activation might easily render them available 
for chemical combination. There exists considerable chemical evidence (41, 42) 
to indicate the existence of complex molecules formed by the addition of various 
reagents to substances containing molecular valence electrons. 
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selective to account for the failure of various solvent molecules 
to de-activate the active molecules in question (46). 

If A: represents a molecule of an auto-oxidant containing molec¬ 
ular valence electrons, e Y the energy of activation, and e 2 the 
energy due to the pairing of spins of the electrons forming the 
dative bond, the changes which may occur during the first stages 
of the auto-oxidation of A: may be represented as follows: 

A: + ei —■+ A ———* : (1) 

A —: + 0:0: -» A:0:0: (e, + e 2 ) (2)* 

The electrons which are directly responsible for the formation of 
the dative peroxide shown in equation 2 have probably undergone 
an increase in their principal quantum numbers due to the 
absorption of energy e 2 . Molecules containing these electrons 
would be characterized by a very low energy of dissociation and 
extremely high instability. Mere collisions with other molecules 
will suffice to effect rearrangement or even decomposition of the 
dative peroxide with liberation of energy. This energy, accord¬ 
ing to Christiansen (25), may be utilized to initiate reaction 
chains. 


O 


A.0.0: (ei -j- ez) -f* A: 


+ A 


^8 


o 


(3) 


where e 3 is the sum of e x and e 2 . This energy increases with each 
subsequent reaction chain and eventually, according to Semenoff 
(27), may and probably does lead to explosive reactions. 

If, instead of a normal auto-oxidant molecule, a normal inhibi¬ 
tor molecule which is in a “resonance” or “synchronous” relation 
with the dative peroxide should collide with it, all of its excess 
energy would be completely absorbed by the molecular valence 

4 It is not definitely certain that molecular oxygen reacts always in the form 
represented in equation 2. Oxygen represented by the “odd” electron formula 
proposed by G. N. Lewis (47) should not be excluded in auto-oxidation reactions, 
and Mithoff and Branch (48) suggested recently that little or no energy is required 
to activate molecular oxygen represented by this structure. 
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electrons of the inhibitor, which becomes partially activated. 
These activated molecules of the inhibitor may, then, be either 
oxidized by the organic peroxides, or by free oxygen, or may com¬ 
bine with auto-oxidant molecules forming unstable complexes 
which decompose, in some cases, to yield the original inhibitor 
molecules. Examples of all these will be found in later sections. 

The theory developed in the foregoing paragraphs seems highly 
plausible and, in the opinion of the present author, has fewer 
objections than either of the two leading theories which have 
already been briefly discussed in the introduction. It seems to 
account satisfactorily for the mechanism of the auto-oxidation 
of substances, such as alcohols, thioalcohols, amino acids, and 
the like. Of particular interest is the interpretation of the auto¬ 
oxidation of alcohols, since the Engler-Bach view fails to account 
for the facts observed and Wieland postulates a dehydrogenation 
mechanism. 


H H H 

I. I .. I 

R—C:0:H + O.O: — R—C:O.H -» R—COOOH 

I. 1-0: I 

H H .. H 

: 0 : 


(4) 


H 

I 


H 


R—C=0 + H 2 0 3 «=* R—COOH 


H 


R—COOOH 


/ 




OH 


H 


\ ? o 


\ 


R—< 


/ 




+ H*0 


0 


(5) 


The primary addition of molecular oxygen to the hydroxyl 
oxygen to form a dative or oxonium peroxide (20a) will induce a 
positive charge on this oxygen which will have a tendency to repel 
the hydrogen atom originally attached to it and finally to eject 
it, resulting in the rearrangement shown in equation 4. The 
ejection of the hydrogen atom due to the coupling of the molec- 
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ular valence electrons forming the dative bond may be also 
explained qualitatively in accordance with the recent quantum 
mechanical view of London (49). Such a peroxide as that 
which is represented by the last formula of equation 4 may be 
considered as a derivative of ozone and consequently assumed 
to be very unstable. It breaks down, yielding aldehydes and 
hydrogen peroxide usually, but it might also yield alkylidine 
peroxide and water. The aldehyde and hydrogen peroxide are 
known to recombine reversibly in an anhydrous medium forming 
a-hydroxy alkyl hydroperoxides (50). Hydrogen peroxide has 
been isolated from the oxidation products of alcohols by various 
investigators (51, 52), and very recently Conant and his students 
(53) postulated its formation in the allomerization (auto-oxida¬ 
tion) of chlorophyll, in which a secondary alcoholic group is 
assumed to have been auto-oxidized. That this process is an 
auto-oxidation phenomenon rather than a dehydrogenation is 
shown by its sensitiveness to foreign substances. 

Analogously the oxidation of amino acids by free oxygen re¬ 
cently studied by Wieland and Bergel (54) may be expressed in 
the following manner 


COOH 

| 

COOH 

j 

| .. .. 
R— C—H + 0:0. - 

i 

-*• R—C— H 

H:N: 

H: N: 0 : 0 : 

H 

H—J 


COOH 

I ! 

R—C-i-H —> 

I | 

HN-j-OOH 


COOH 

I 

R—0=NH + H 2 0 2 


H,0 


H 


R—C—O + NH, + C0 2 


Numerous other examples may be cited but these two will suffice 
to show the adequacy of the view just presented. Furthermore, 
this view seems to give a rational explanation of the so-called 
activation of hydrogen usually referred to in connection with 
dehydrogenation reactions. Further applications of the present 
theory will be made in the appropriate place in this review. 
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III. METHODS OF STUDYING AUTO-OXIDATION REACTIONS 

Auto-oxidation reactions, unlike other reactions, present nu¬ 
merous difficulties, owing to the formation of various interme¬ 
diate products many of which can be isolated under suitable 
conditions. Kinetic studies of each reaction, in addition to 
isolation and identification of the products formed, are, there¬ 
fore, very frequently necessary for the complete elucidation of the 
mechanism of such a reaction. The methods used for the study 
of auto-oxidation reactions may be divided into two classes: 
{A) those having to do with the quantitative estimation of the 
oxygen absorbed per unit time, and ( B ) those having to do with 
the estimation of the disappearance of the auto-oxidant or the 
progressive formation of the principal products of the reaction 
per unit time. 

A. Quantitative methods for estimating oxygen absorption 

Under this class come the various modifications of the static 
method. This method consists in following the oxygen absorp¬ 
tion rate in a closed system, by determining either the decrease in 
volume at constant pressure or the decrease in pressure at con¬ 
stant volume. The simplest and most convenient, but by no 
means the most accurate, method, as will be shown later, is that 
in which the decrease in pressure is followed with time. Moureu, 
Dufraisse, and their collaborators (22b, 22c) and others (55) have 
amassed a great body of data by making use of this method. 
Their apparatus consists essentially of a barometric tube with the 
upper end bent in the shape of an inverted U-tube and connected 
to a small bulb containing the auto-oxidant. Pure oxygen is 
introduced until the pressure within the tube is the same as the 
atmospheric pressure. As soon as the reaction begins, the 
mercury within the tube rises; the degree of mercury rise is 
usually plotted against time. The results obtained with this 
method, however, are relatively accurate and useful only for 
purposes of comparison. The work of Reinders and V16s (56), 
Reiff (57), Huber and Reid (58), Alyea and Backstrom (26b), and 
Milas (59) has raised certain objections against the use of this 
method. 
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The oxidation of organic liquid substances constitutes a two- 
phase system, and to determine the reaction rate between the 
two phases, the conditions must be such that the two phases are 
constantly in equilibrium with each other. In other words, the 
liquid phase must always be saturated with oxygen during the 
course of the reaction. Furthermore, there seems to exist a 
tendency in highly polymerized liquids, such as linseed oil or other 
“drying” oils, toward the formation of a surface film consisting 
chiefly of polymerized molecules which increase the viscosity of 
the surface layer and consequently diminish the diffusion rate of 
oxygen (60). Both of these objections may be overcome by 
rapid stirring or shaking of the reaction mixture. 

Considerable changes in pressure during oxidation with oxygen 
are known to influence appreciably the rate of oxygen absorption. 
This fact has been clearly demonstrated recently by Chariton 
and Walta (61) and by Semenoff (62) in the case of the slow oxida¬ 
tion of phosphorus, by Vinogradov (63) in the case of the auto¬ 
oxidation of hydroquinone in the presence of phenolase, and by 
Vinogradov and Devyulin (64) in the case of the oxidation of 
tyrosine by oxygen. In the biological field Cook (65) has re¬ 
cently demonstrated that the oxygen intake by yeast cells is 
greatly diminished by reducing the oxygen pressure. The ob¬ 
jection to the constantly changing pressure during the process 
of the reaction may, therefore, be overcome by working at con¬ 
stant pressure—preferably atmospheric—although the tech¬ 
nique is slightly more difficult. 

In several auto-oxidation reactions gaseous products are 
evolved which will not only influence the reaction, but will also 
increase the pressure of the system; the resulting effect would be 
an apparent decrease of the oxygen absorption rate. In bio¬ 
logical oxidations this objection is overcome, in so tar as the gas 
evolved consists of carbon dioxide, by the micro apparatus of 
Barcroft and Haldane 6 (66) and that of Warburg 6 (67). In the 
case of other oxidations this difficulty has not yet been satis¬ 
factorily overcome. 

* A recent description of this apparatus is given by Stephenson (68). 

6 A modified Warburg apparatus has been described recently by Hyde and 
Scherp (69). 
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B. Other methods for determining auto-oxidation 

Most of the methods under this class are subject to some of the 
limitations described under class A. The estimation of the 
weight increase of the auto-oxidant with time constitutes one 
of the oldest methods still in use (70, 71, 72). Its use, however, 
is limited only to solids and liquids relatively free from any vola¬ 
tile products. Another method which is adaptable to substances 
of non-acidic nature, such as hydrocarbons and lubricating oils, 
deals with the estimation of organic acids formed in the course 
of the oxidation (73). Quite frequently other products, such as 
peroxides, aldehydes, alcohols, and esters, are formed which tend 
to diminish the accuracy of this method. 

Still other methods include the use of density, refractive index, 
and viscosity measurements and the estimation of iodine num¬ 
bers with time. These methods have been used especially in 
the determination of oxidation rates of “drying” oils (74). It 
must be borne in mind, however, that these methods are ade¬ 
quate only for measurements of the cumulative effect of auto¬ 
oxidation and polymerization, the latter being frequently more 
important with “drying” oils. Furthermore, when these methods 
are employed to determine the effect of inhibitors on these oils, 
they may lead to erroneous and often contradictory conclusions, 
since some inhibitors are known to affect selectively the process 
of auto-oxidation and polymerization. 

The direct titration of the peroxides formed during the course 
of oxidation has been frequently employed to determine the rate 
of auto-oxidation reactions (75, 20a, 76). This method would be 
ideal and of a high degree of accuracy if the peroxides formed 
were sufficiently stable and did not lead to secondary reactions. 
Unfortunately, however, many of the peroxides are unstable 
and often lead to secondary oxidations. In spite of all these 
unavoidable difficulties, the method affords an excellent semi- 
quantitative comparison of the rates at which certain classes 
of substances oxidize. Its usefulness for the determination of 
the tendency of fats and oils to become rancid has been empha¬ 
sized recently (76, 77). 

Of particular interest are the methods which deal with the 
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application of spectroscopy to the study of auto-oxidation prob¬ 
lems. X-ray spectroscopy has been applied recently by Tr ill a t 
(78) to the study of the auto-oxidation of unsaturated fatty acids; 
the results obtained are worthy of careful consideration. The 
method consists in spreading thin films of oils on lead plates and 
examining their x-ray spectra immediately, then after two to 
three hours, and finally after forty hours by means of the method 
of “turning crystal.” The first and second stages gave remark¬ 
ably intense x-ray spectra, while the last stage gave no spectra. 
The spectrum of the first stage was attributed to the lead salt 
of the acid under examination, the second to the formation of the 
“moloxide” and subsequent saturation of the double bonds, while 
the last stage corresponded to the complete polymerization of 


TABLE 1 

X-ray data for the auto-oxidation of oleic, linoleic , and linolemc acids 


SUBSTANCE 

d , 

di 

di-di 

d/Ot 


1 

A 

A 

! A 

Oleic acid 

29 8 

37 5 

7 7 

! 7 7 

(1 double bond) 

Linoleic acid, ... 

37 1 

49 2 

12 1 

6 05 

(2 double bonds) 

Linolenic acid 

21 2 7 

28 0 

6 8 

6 8 

(3 double bonds) 


34 4 (dz) 

6 4 (d 2 - d 3 ) 

6 4 


the acid, and therefore yielded no spectrum. Oleic, linoleic 
and linolenic 7 acids were chosen as typical examples. Some of 
the results are shown in table 1 in which d x and d 2 are the distances 
found between the planes in the space lattice before and after the 
addition of oxygen, and d 3 corresponds to a third x-ray spectrum 
found in the case of linolenic acid. 

These results, according to Trillat, show that the addition of a 
molecule of oxygen to a double bond in these acids causes an 
elongation of the molecule corresponding to approximately 
6.78 A. It would be of considerable interest if this method were 

7 Linolenic acid oxidized so rapidly that it was impossible to obtain the spec¬ 
trum of its lead salt. The spectra shown were those of the acid and its oxidation 
products. 
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further applied to the auto-oxidation of crystalline substances 
free from metallic salts such as ergosterol, abietic acid, and the 
like. 

Molecular oxygen is known to combine with hemoglobin 
with extraordinary rapidity; the time interval involved is ex¬ 
pressed in thousandths of a second. An accurate measurement 
of the rate of this reaction, therefore, presents a special problem 
requiring a special technique for its solution. A spectroscopic 
method of great accuracy, based on an application of the rever¬ 
sion spectroscope (79), has been worked out by Hartridge and 
Roughton (80) and successfully applied to the oxidation problem 
of hemoglobin. The principle involved in this method consists 
in a very rapid mixing of two solutions, one containing reduced 
hemoglobin and the other containing oxygen dissolved in water, 
before an appreciable combination between the two occurs. This 
was accomplished by forcing the solution through jets under 
considerable pressure and allowing them to come together at a 
high velocity within a restricted space. The mixture was then 
allowed to flow at a uniform rate through an observation glass 
tube, cross-sections of which were examined by the reversion 
spectroscope. 8 More recently the same authors have proposed a 
spectrophotographic method of greater accuracy than their origi¬ 
nal method (81). 

IV. CRITERIA OF AUTO-OXIDATION 

Very frequently auto-oxidation reactions are indistinguishable 
from any other chemical reaction and unless their characteristics 
are clearty understood their mechanism remains uncertain and 
highly doubtful. We have come to realize more and more, as a 
result of recent investigations, that there are certain criteria by 
which auto-oxidation reactions are usually recognized. (A) 
Auto-oxidation reactions are auto-catalytic. (B) They are 
susceptible to positive and negative catalysts. (C) They induce 
the oxidation of other substances relatively unaffected by free 
oxygen. (D) They induce the polymerization of various auto- 

8 For a detailed description of this important method, the reader is referred 
to the original papers by the authors. 
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oxidants. ( E) In numerous instances auto-oxidation reactions 
are chemiluminescent. (F) Susceptibility to auto-oxidation is 
frequently governed by the structure of the auto-oxidant. Al¬ 
though these characteristics are common to all auto-oxidation 
reactions, it must be emphasized here that not all of them are 
necessarily exhibited by the same reaction. 

A. Auto-oxidation and auto-catalysis 

1. Induction period. In section II it was shown that the 
rearrangement and subsequent decomposition of dative peroxides, 
occurring either spontaneously or by the interaction with other 
auto-oxidant molecules, leads to the liberation of a considerable 
quantity of energy in the form either of heat or of light. As a 
result, auto-oxidation reactions are usually found to be exother¬ 
mic. Furthermore, these reactions proceed at first with a very 
slow, almost immeasurable, rate which increases gradually until 
it attains a maximum value, and then, if polymerization occurs 
simultaneously with the oxidation, falls off sometimes rapidly, 
and long before an appreciable amount of the auto-oxidant has 
been oxidized. Such reactions are auto-catalytic and of the 
chain type, and are said to be characterized by an induction 
period which is usually defined as the time necessary for the re¬ 
action to reach its maximum velocity. The induction period 
may be best illustrated by the auto-oxidation of anethole which 
has been studied recently by the author (24, 59). Curve 1 of 
figure 1 shows the uncatalyzed oxidation of anethole at 110° 
with an induction period of 16 minutes. The addition of 1 mole 
of benzoperacid to about 31 moles of anethole (curve 2) cut down 
the induction period to zero, while the addition of 1 mole of qui- 
none or hydroquinone to 200 moles of anethole increased it to 
169 minutes with the former (curve 3) and 388 with the latter 
(curve 4). Analogous results have been obtained by Brunner 
(82) with benzaldehyde, by Brunner and Rideal (83) with n-hex- 
ane, by Greenbank and Holm (84), and by Mattill (85) with 
fats and unsaturated fatty acids, by Dupont and Crouzet (86) 
with pinene, nopinene, carene, and limonene, and by Dupont 
and Levy (87) with abietic acid. 
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From these results one might conclude that the induction 
period is governed by the state of purity of the auto-oxidizable 
substance and its increase or decrease is controlled by the presence 
of negative or positive catalysts. This raises the question 
whether the induction period is an inherent property of the auto¬ 
oxidant or whether it depends upon the presence of traces of 



negative and positive catalysts. The answer is still vague. 
Michael, Scharf, and Voigt (88) claim that especially purified 
ethyl alcohol oxidizes with air more readily than alcohol having 
traces of impurities, while Brunnel (89) reports a more pronounced 
difference between the purified and unpurified n-propyl alcohol. 
We have had similar experiences with several substances which 
we purified. On the contrary, however, Kuhn and Meyer (90) 
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state that the auto-oxidation of benz aldehyde is essentially due 
to the presence of traces of heavy metals, and that when these 
are completely removed by careful purification benzaldehyde is 
obtained so pure that it no longer undergoes auto-oxidation. 
The conclusions of these investigators seem highly doubtful, 
since their determination of the auto-oxidation rates in a two- 
phase system, water-benzaldehyde, and in benzene is not free 
from inhibitory effects. Furthermore, the very recent experi¬ 
ments of Wieland and Richter (91) seem to indicate that al¬ 
though carefully purified benzaldehyde is rendered relatively inert 
towards oxygen when suspended in water, or when dissolved in 
benzene, it readily undergoes oxidation in the pure state. More¬ 
over, benzoperacid (26a, 32) and benzoyl peroxide (33) are known 
to reduce the induction period of benzaldehyde and to accelerate 
its oxidation, yet they are free from any heavy metals. Besides, 
Dufraisse and Horclois (92) have found that certain iron salts 
have a definite inhibitory action on the oxidation of benzalde¬ 
hyde, a fact which cannot be reconciled with the conclusions of 
Kuhn and Meyer. 

B. Auto-oxidation and positive and negative catalysis 

1. Positive catalysis. The acceleration of auto-oxidation re¬ 
actions plays an extremely important role in numerous chemical 
and biological oxidations. Positive accelerators of auto-oxidation 
seem to fall under three main groups: (a) organic catalysts 
including peroxides and ozonides; ( b ) inorganic catalysts includ¬ 
ing metals, their salts, and metal complexes; and (c) radiation and 
high frequency sound waves. 

(a) Organic catalysts. In the foregoing topic mention was 
made of the accelerating effect of benzoperacid and benzoyl 
peroxide, the former being far more effective than the latter. 
In view of its high instability when free from solvents, benzo¬ 
peracid has not been widely investigated as an accelerating 
agent for auto-oxidations. Milas (32, 59) was the first to use 
it in a fairly pure form to accelerate the auto-oxidation of styrene 
and anethole. Benzoyl peroxide has been used by Berl and 
Winnacker (33) to accelerate the oxidation of benzaldehyde, and 
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by van Loon (93) to stimulate various fermentations by yeast and 
Aspergillus niger. The observations of van Loon have recently 
been confirmed and extended by Proctor in collaboration 
with the author (94). These reactions are undoubtedly of the 
chain type, with the positive catalyst acting as a “trigger” to 
initiate the reaction chains or to increase their length. Perhaps 
one of the most important problems suggested in connection with 
organic peroxides is their application to biological oxidations. 
It is of particular interest to find out whether the respiration and 
metabolism of living tissues are really accelerated by these per¬ 
oxides, and whether the mechanism of this acceleration is anal¬ 
ogous to that of the oxidation in vitro. This problem is now 
being investigated in this laboratory with the cooperation of the 
biology department of the Institute. 

As far as the author is aware, ozonides have not been used 
directly as “triggers” of auto-oxidation, while ozone has been 
employed, first by Semenoff and Rjabinin (95) in the oxidation 
of sulfur, and more recently by Spence and Taylor (96) in the 
auto-oxidation of ethylene. In the latter case the substance 
responsible for the acceleration was probably the ethylene ozonide. 

A large number of organic catalysts which are closely asso¬ 
ciated with organic peroxides in plant and animal tissues are 
known as peroxidases and have been originally described by 
Schonbein (97). Inasmuch as the true chemical nature of these 
substances is still obscure and our present knowledge is very 
unsatisfactory, we shall refrain from any lengthy discussion. 
It may be well, however, to refer the reader to two excellent 
reviews on the subject recently pubhshed by Raper (98) and by 
Woker (98a). 

Adrenaline has been found by several investigators (99,100,101) 
to act as a positive catalyst in various auto-oxidation reactions, 
especially with those taking place in living tissues. The mech¬ 
anism of this catalysis is not known, although it is not unlikely 
that a dative peroxide formed by the addition of molecular oxygen 
to the nitrogen of the amino group ol the adrenaline molecule 
may constitute the real catalyst. This view 7 seems to find support 
in the recent experiments of Kisch (102), who finds that the oxi- 
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dation of adrenaline by oxygen is an auto-catalytic reaction and 
can be accelerated by the presence of an as yet unknown oxidation 
product of adrenaline which is active even in dilutions of 1 to 10 8 . 

An important class of organic accelerators, which has been 
assumed to play a very significant r61e in respiration phenomena 
of the living cell, is that which includes compounds of the sulfhy- 
dryl group such as cysteine, glutathione, thioglycolic acid, thio- 
lactic acid, thioglycine, etc. The importance of these substances 
as oxygen activators in auto-oxidation and metabolic processes 
has been emphasized by Thunberg (103), Hopkins (104), 
Abderhalden and Wertheimer (105), Meyerhof (19), and Mi- 
chaelis (4). The mechanism of this catalysis is, at present, 
highly debatable. Warburg and Sakuma (106) maintain that 
the sulfhydryl catalysis is essentially a metal catalysis depending 
upon the oxidation of the metal complex by oxygen and its 
subsequent reduction by the tissue. Partial confirmation of 
Warburg’s view is found in the experiments of Harrison (107) 
who found that the auto-oxidation of cysteine and glutathione 
is greatly diminished by removing the last traces of iron salts 
when subjected to carelul purification in quartz vessels. The 
addition of small amounts of iron in the form of ferric chloride, 
or of hemin, produced marked changes on the oxygen absorption 
rate of these substances. Very recently Gerwe (108) prepared 
cysteine hydrochloride which contained less than 1 part of iron 
to 2 X 10 8 parts of the hydrochloride. When cysteine was freed 
from this salt, it was found to undergo auto-oxidation, although 
at a slow rate. These results seem to indicate that although the 
auto-oxidation of sulfhydryl compounds is highly sensitive to 
metallic salts, it does not depend entirely upon their presence. 

Some experiments of considerable significance bearing on the 
catalytic effects of these substances have recently been published 
independently by Hopkins (109) and by Kendall, McKenzie, and 
Mason (110). These investigators prepared glutathione in a 
pure crystalline form. Contrary to early findings, this pure 
glutathione was shown by Dixon and Meldrum (111) to be 
physiologically inert. A confirmation of these results is to be 
found in the very recent work of Rosenthal (112) and of Voegtlin 
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and Rosenthal (113), who found that the addition of crystalline 
glutathione to various tissue cells and to Baker’s yeast failed 
to accelerate the oxygen absorption rate beyond that accounted 
for by the sulfhydryl compound. In addition to these results, 
Schoberl (114) reports a negative catalytic effect of both pure 
cysteine and pure glutathione on the auto-oxidation of leuco- 
methylene blue in the presence of copper acetate as the positive 
catalyst. Since the auto-oxidation of sulfhydryl compounds is 
greatly influenced by hydrogen ion concentration, one cannot 
conclude, from Schoberl’s results, that these compounds behave 
as negative catalysts in all auto-oxidation reactions, since he 
carried out his oxygen absorption measurements in solutions of 
acetic acid. In conclusion, we must admit that the sulfhydryl 
catalysis was in a rather unsatisfactory state at the time when 
this review was under preparation. 

(b) Inorganic catalysts, including metals, their salts, and their 
complexes. A complete discussion of the positive catalytic effects 
of metals and metal salts on auto-oxidation reactions will be 
beyond the scope of this review; moreover, the subject has been 
adequately treated in well-known works on catalysis (115,116). 

In view of the great importance of iron catalysis in the auto¬ 
oxidation of the living cell, much work has been carried out re¬ 
cently both in vitro and in vivo, and under various conditions. 
Spoehr (117) and Spoehr and Smith (118) have shown that so¬ 
dium ferro pyrophosphate is an excellent catalyst in the oxidation 
of glucose and other related sugars. Wieland and Franke (119) 
made an exhaustive study of the rate of auto-oxidation of several 
organic acids and other organic compounds in the presence of 
ferrous and ferric salts. They found that in many cases ferrous 
iron is more effective as a catalyst than ferric iron. In the same 
year Kuhn and Meyer (90) reported a marked acceleration of the 
auto-oxidation of benzaldehyde in the presence of iron salts. 
The same investigators (120) studied, in a two-phase system, the 
catalytic effect of hemin on the auto-oxidation of a great number 
of unsaturated compounds, such as fatty acids, sterols, and 
polyene pigments. These authors report the interesting fact 
that the oxidation rate of unsaturated compounds, in the pres- 
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ence of hemin, is governed by their structure. For example, 
oleic acid reacts fifty times faster than its geometric isomer, 
elaidic acid. 

In connection with iron catalysis the recent work of Dufraisse 
and Horclois (92) deserves special consideration. Iron and its 
compounds have heretofore been considered uniquely as positive 
catalysts, and no one suspected otherwise until Berl and Win- 
nacker (33) demonstrated the fact that colloidal iron acts as a 
negative catalyst in the auto-oxidation of benzaldehyde. To 
determine whether iron or any of its salts or complexes acted as 
negative catalysts, Dufraisse and Horclois set out to study a great 
number of iron salts and complexes with the following auto-oxi- 
dants: acrolein, benzaldehyde, furfural, styrene, turpentine, and 
sodium sulfite in slightly acid or in slightly alkaline solutions. 
As catalysts the authors used metallic iron, several ferrous and 
ferric salts, potassium ferricyanide and ferrocyanide, Prussian 
blue, and French blue in concentrations of 1/100; ferric acetyl 
acetonate in concentrations of 1/50; hemoglobin from horse and 
cattle blood in concentrations of 1/10, corresponding to an iron 
concentration of 35/100,000; oxyhemoglobin, methemoglobin, 
etc. Some typical examples of the results may be quoted here. 
Ferrous chloride is an accelerator while ferrous iodide is an 
inhibitor of the auto-oxidation of benzaldehyde and of acrolein. 
Ferrous oxide is an inhibitor of the oxidation of furfural; ferric 
hydroxide of sodium sulfite in slightly alkaline solution; ferric 
chloride of benzaldehyde and furfural; oxyhemoglobin and met¬ 
hemoglobin of furfural and to a less degree of acrolein. That 
ferrous iodide was found to be an efficient inhibitor is not difficult 
to understand. The perbenzoic acid formed during the auto¬ 
oxidation of benzaldehyde will undoubtedly liberate iodine from 
this iodide and the iodine thus formed will act as a negative 
catalyst. From their results the authors arrived at the conclu¬ 
sion that the catalytic activation of iron is variable in intensity 
and sign depending upon the chemical nature of the catalyst 
and that of the auto-oxidant. Wieland and Richter (91), on 
the other hand, found a slight acceleration of the oxidation rate 
of benzaldehyde in the presence of small quantities of ferric 



AUTO-OXIDATION 


315 


chloride. These investigators were able to isolate an interme¬ 
diate complex of ferric iron and benzoperacid. 

In biological oxidations Thunberg (121) was the first to show 
that small quantities of iron produced startling effects in the 
auto-oxidation of lecithin. Warburg (122, 18), Meyerhoff (19), 
and others have further demonstrated that iron salts are capable 
of accelerating oxidations even in the living cell. 

In the catalysis of auto-oxidation reactions by iron the mech¬ 
anism most frequently assumed is the activation of oxygen by the 
formation of an intermediate peroxide of iron. Manchot (123) 
was probably the first to propose that ferrous iron combines 
directly with molecular oxygen to form an unstable intermediate 
peroxide, Fe0 2 ; more recently (124) he believes it to be Fe 2 0 6 
(cf. reference 125). Baudisch and Welo (126), on the other hand, 
proposed for the intermediate peroxide Fe0 3 in the form of a 

coordination complex with water, [Fe0 2 (H 2 0) 6 ](0H) 2 . The 
auto-oxidation of ferrous compounds may be best explained, 
however, by assuming that ferrous iron, by virtue of its lone 
molecular valence electron, combines with oxygen like a free 
radical comparable to triphenylmethyl. 

HO 

\ 

HO—Fe—O 
2 (HO) 2 Fe • + 0 2 -* | 

HO—Fe—O 

/ 

HO 

Fe 2 0 4 + 2 Fe(OH)s -> 2 Fe 2 0 3 + 2 H*0 

A similar mechanism has been proposed recently by Hale (127), 
who claims to have conclusive evidence for the existence of Fe 2 0 4 . 
That the oxidation of ferrous salts is an auto-oxidation reaction 
is shown by the fact that it obeys the criteria set forth early in 
this section. Quite recently Lamb and Elder, Jr., (128) have 
shown that the auto-oxidation of ferrous sulfate can be inhibited 
by narcotics and accelerated by catalysts such as copper salts, 
platinum black, cocoanut charcoal, etc. In the case of cocoanut 


0=Fe—O 

| + 2 H s O 
O—Fe—O 
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charcoal the authors isolated a peroxide which they believe is 
responsible for the accelerating effect of this catalyst. Still more 
recently Richter (129) has demonstrated that such an oxidation 
follows a chain mechanism, the chain length of which he measured 
in the case of benzyl and isopropyl alcohols as inhibitors. 

Warburg (122), in proposing a mechanism for cell respiration, 
made the assumption originally that the primary reaction in the 
auto-oxidation of the living cell is that between molecular oxygen 
and iron, and that oxygen can react only through this reaction 
and not through a preliminary addition to the organic molecule. 
But in his latest view (130, 122b) Warburg assumes that the 
substance responsible for the catalytic activation of oxygen in 
cell respiration as a whole is an iron complex of hemin which he 
termed “respiration ferment.” The reactions responsible for the 
activation of oxygen may be expressed as follows: 

R • Fe 4" 0 2 R • Fe0 2 

R • Fe0 2 + 2 M R • Fe + 2 MO 

where RFe represents the respiration ferment and M the re¬ 
spiring tissues. The strongest evidence in favor of this view, 
according to Warburg, lies in the fact that a large number of 
narcotics and poisonous substances, such as alcohols, ketones 
urethans, amides, and particularly hydrogen cyanide, hydrogen 
sulfide, and carbon monoxide, exert a strong inhibitory action on 
respiration and are also known to strongly inhibit most reactions 
catalyzed by iron. Hydrogen cyanide, 9 for example, in concen¬ 
trations of 1/10,000 produces a definite inhibitory effect. These 
results seem to point strongly to the possibility that the auto¬ 
oxidation of the living cell might be of the chain type. 

(c) The effect of radiation and high frequency sound waves on 
auto-oxidation . It is a well-known fact that radiation, especially 

® Dixon and Elliot (131) have criticized Warburg's view on the grounds that it 
assumes complete inhibition of cell respiration by cyanide, whereas only 60 per 
cent inhibition is actually produced and 40 per cent must have another mechanism. 
Besides, an increase of cyanide concentration beyond a certain value failed to 
produce any noticeable effect on respiration. Warburg and Kubowitz (132) have 
already answered this criticism. 
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that of short wave-length, produces a marked acceleration in the 
rate of auto-oxidation reactions. Of recent date the investiga¬ 
tions of Backstrom (26) with benzaldehyde, enanthaldehyde, 
and sodium sulfite, of Moureu, Dufraisse, and their collaborators 
(see section V, part A) with rubrene, of Milas (20a) with various 
ethers, and of Bowen and Tietz (133) with acetaldehyde fully 
illustrate this point. The experiments of Backstrom have 
shown that the photochemical oxidations as well as the thermal 
ones are susceptible to the action of inhibitors, and that both re¬ 
actions are essentially chain reactions. Somewhat analogous 
results have been reported by Bowen and Tietz. 

Some rather interesting and novel experiments on the accel¬ 
eration of auto-oxidation reactions by ultrasonic radiation have 
been published recently by Schmitt, Johnson, and Olson (134). 
When aqueous solutions of potassium iodide, potassium chloride, 
potassium bromide, hydrogen sulfide, carbon tetrachloride, etc., 
were subjected, for a short period of time in the dark and in the 
presence of free oxygen, to ultrasonic radiation of high frequency 
—750,000 cycles per second—auto-oxidation ensued as deter¬ 
mined by the liberation of iodine when starch-iodide was added 
to each solution. Even distilled water liberated iodine after a 
short exposure to this radiation. The mechanism of these auto¬ 
oxidations is readily understood if we apply the point of view 
developed in this review. Taking water and hydrogen sulfide 
as two typical examples we have 

H:0:H + 0:0: -* H:0:H —> HOOOH 
: 0 : 

: 0 : 

HOOOH + HOH —> 2 H a O„ 

H:S:H + O, -> HOOSH -» HOOH + S j 

t_l 

HOOH + H 3 S -> 2 H a O + S j 

The intermediate peroxide containing three oxygen atoms in the 
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case of water and two in the case of hydrogen sulfide is expected 
to be much more active than hydrogen peroxide. 10 

2. Negative catalysis of auto-oxidation. The problem of nega¬ 
tive catalysis has received tremendous attention during the past 
ten years and its solution is of inestimable practical and theoret¬ 
ical importance. In a period of eight years, between 1922 and 
1930, Moureu, Dufraisse, and their collaborators amassed a 
great body of data concerning the inhibitory effect of small quan¬ 
tities of various substances on auto-oxidation reactions. In 
spite of some criticisms that may be raised against the experi¬ 
mental technique and the theoretical conclusions of these in¬ 
vestigators, we must not belittle the importance of their contri¬ 
butions to the field as a whole. These contributions have been 
excellently summarized by Moureu and Dufraisse themselves 
(22a, 22b, 22c) and will not be described here again. Dhar (21), 
Taylor (23), Egerton (136), Backstrom (26), Milas (20, 24, 59), 

. and others have also made notable contributions to the field. 

Luther (137) was probably the first to propose a reasonable 
mechanism whereby negative catalysts or inhibitors are assumed 
to act by destroying the positive catalysts originally present in 
the auto-oxidizable substance. Moureu and Dufraisse found, 
however, that the Luther theory was inadequate to account for 
their results and proposed a general theory which is based on the 
mutual antagonistic destruction of the peroxides by the inter¬ 
action of the original active peroxide of the auto-oxidant, A, and 
the negative catalyst or inhibitor B. Assuming with Arrhenius 
that only the active molecules of the auto-oxidant react with 
molecular oxygen, this theory may be briefly outlined as follows: 

A ~f" O 2 * A [O 2 ] 

A [0 2 ] + B —> A [0] + B [O] —> A + B + 0 2 

or the inhibitor may be activated and oxidize directly with oxygen, 
as 


,0 That the oxidation of hydrogen sulfide by free oxygen is an auto-oxidation 
reaction having a chain mechanism has been shown very recently by Thompson 
and Kelland (135), 
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A -f- 0 2 —* A [O 2 ]; B 4“ 0 2 —► B [O 2 ] 

A [0 2 ] + B [0 2 ] -* A + B + 20, 

where the brackets indicate that the peroxide is active. Further¬ 
more, the authors state that "it will be noted that A and 0 2 have 
been taken from the state of activated molecules at the instant 
of their combination and returned to the mixture in an inactivated 
state.” 

Four main objections may be raised against this mechanism: 
(a) If activated molecules are removed from the mixture and 
allowed to go through the cycle represented by either one of the 
two sets of reactions and finally returned to the mixture inacti¬ 
vated, what happens to the energy of activation? Its disappear¬ 
ance is not accounted for. (b) The theory predicts a permanent 
inhibition which is contrary to experimental observations. In 
figure 1, it may be recalled, the inhibition produced on the auto¬ 
oxidation of anethole by quinone and hydroquinone is not per¬ 
manent; after several hours the oxidation rate is observed to rise 
rapidly, and then to fall off again just as in the case of the un¬ 
catalyzed reaction. Similar results have been observed by 
several investigators, including Moureu and Dufraisse themselves, 
(c) If the antagonistic destruction of peroxides were true in 
connection with inhibitory phenomena, the addition of small 
quantities of an organic peroxide to a substance undergoing 
auto-oxidation should cause the liberation of oxygen and sub¬ 
sequent inhibition. This is not, however, the case and accelera¬ 
tion is actually observed. Furthermore, organic peroxides will 
not react with one another unless the oxidation potential of one 
is considerably higher than that of the other, and no such two 
peroxides will form simultaneously in a given auto-oxidation. 
Then, too, the interaction of the active peroxide A[0 2 ] with B, 
the inhibitor, is not likely to lead to tw r o active peroxides but 
presumably to two oxides partially or entirely devoid of peroxidic 
nature. ( d ) Finally, Christiansen (138) has shown from kinetic 
considerations that the mechanism proposed by Moureu and 
Dufraisse is not sufficient to explain the experimental facts 
unless it is supplemented by the assumption of some chain 
mechanism. 
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Various investigators including Dhar, Moureu and Dufraisse, 
Backstrom, and others, have further postulated the existence of 
some relationship between the inhibitory power of a negative 
catalyst and its oxidizability and have pointed out that the 
essential condition for a substance to act as a negative catalyst 
in auto-oxidation reactions is that it should be either “a good 
reducing agent” or “easily oxidizable.” Numerous cases have 
been discovered recently in which this condition does not hold. 
Benzoquinone and anthraquinone are far from being easily 
oxidized, yet they exert a strong inhibitory action on the auto¬ 
oxidation of anethole (24). Furthermore, when anthraquinone 
is used as the negative catalyst it can be recovered quantitatively, 
within experimental error, at the end of the reaction, a fact which 
is at variance with the above condition. Some of the results 


TABLE 2 

A comparison of the amount of anthraquinone taken viilh the amount recovered 


EXPERIMENTS 

l 

2 

3 

Anthraquinone taken in moles. 

0 01341 

0 00268 

0 000268 

Anthraquinone recovered in moles 

0 01313 

0 00264 

0 000211 


are shown in table 2. Sulfuric acid is certainly not easily oxi¬ 
dized, yet in concentrations of 1/1000 in non-aqueous solvents 
it was recently found by Dupont and Levy (87b) to act as a strong 
negative catalyst in the auto-oxidation of abietic acid. Among 
other negative catalysts belonging to this class are ferric chloride 
(92), zinc chloride, mercuric chloride (91), iodine, disodium hydro¬ 
gen phosphate, picric acid, trinitrotoluene, etc. Many of these 
inhibitors are known to form addition complexes with several 
auto-oxidants, and it is most liicely that the formation of such 
complexes might prevent the propagation of reaction ch ains . 

Selective inhibitors are also common with many auto-oxidation 
reactions. For example, anthracene inhibits the auto-oxidation 
of benzaldehyde formed during the oxidation of styrene, or of 
anisaldehyde formed during the oxidation of anethole, but allows 
the oxidation of both styrene and anethole to proceed at a rela- 
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tively high rate, similarly; iodine acts as a strong inhibitor to¬ 
wards benzaldehyde and as an accelerator towards styrene. 
Furthermore, inhibitors are far more effective during the initial 
stages of a given auto-oxidation than after oxidation has set in 
rapidly. 

A critical examination of the various inhibitors, however, 
reveals the fact that all of them possess molecular valence elec¬ 
trons, but probably at different penetrations. An exchange of 
energy, therefore, between the inhibitor and the dative peroxide 
resulting in the partial activation of the former, is inevitable 
to inhibitory action. Moreover, this exchange of energy takes 
place only when the inhibitor is in a “resonance” or “synchro¬ 
nous” relation with the auto-oxidant. The activated molecules of 
the inhibitor can then be either oxidized by the organic peroxides 
or by free oxygen, or can combine with the active auto-oxidant 
molecules forming unstable complexes which may decompose to 
yield the original inhibitor molecules. This mechanism is in ac¬ 
cordance with the electronic-chain interpretation of auto-oxidation 
proposed in section II. 

A useful relationship connecting the maximum oxygen absorp¬ 
tion rate of auto-oxidation (V n ) with the induction period (<), 
and the concentration of the inhibitor ( C ), has been proposed 
recently by the author (24), and has been shown to hold, within 
experimental error, with the auto-oxidation of anethole in which 
n is 2 when benzoquinone and anthraquinone are used as inhibi¬ 
tors. Assuming this relationship to hold, at least 


V m <= K 


t 

c Un 


or 


V m C l/n 

t 


K 


with the auto-oxidation of anethole, the inhibitory constants 
( K ) of some of the inhibitors used may be calculated. The re¬ 
ciprocals of these are shown in the last column of table 3. 

This relationship leads one to conclude that at zero concen¬ 
trations of the inhibitor the maximum oxygen absorption rate 
should approach infinity and the reaction should proceed ex¬ 
plosively. This should be the case, however, only with reactions 
in which the reaction chains are not broken either on the walls 
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of the reaction vessel or by other reactions proceeding simulta¬ 
neously with the auto-oxidation. In the oxidation of anethole 
and other related substances, for example, three main reactions 
might be considered: the reaction between active molecules of 
anethole and oxygen; that between active anethole molecules 
themselves to form polymers which no longer react with oxygen; 
and that between the dative peroxide molecules themselves to 
form peroxide polymers. The last reaction has been proposed 
recently by Staudinger and Schwalbach (139). 

An alternative mechanism of negative catalysis has been pro¬ 
posed by Reiff (57), Brunner (82), Rideal (140), and Bailey (141), 

TABLE 3 


Inhibitory constants of various inhibitors of the oxidation of anethole 


INHIBITOR 

Vm 

C 

CONCKNTRA- 

t 

l/K 



TION OF 
INHIBITOR 




liters per 
hour per 
mole of 
anelhole 

mole9 per 
mole of 
anethole 

minutes 


Kydroquinone. 

12 100 

0.004998 

388 

434.8 

Benzoquinone. 

9 624 

0 004998 

169 

263 2 

Anthracene. .... 

9 860 

0 099980 

17 

5 4 

Anthraquinone. 

6.038 

0 099980 

90 

47 2 

Phenanthrene. 

15 178 

0 099980 

8 

1 6 

Phenanthrenequinone. 

4 952 

0 099980 

30 

19 2 

Carbazole. . 

8 408 

0 099980 

74 

27 9 

Anisaldehyde . 

■ 

16 272 

0 099980 

28 

5 4 


who assume that auto-oxidation takes place, or is initiated at the 
surface of the reaction vessel, and is inhibited by the negative 
catalyst adsorbed in high concentration on this surface. This 
mechanism might be plausible with heterogeneous negative 
catalysis, but is quite improbable with homogeneous catalysis, 
although Bailey claims to have evidence that, in this case, the 
reaction is initiated at the gas-liquid interface and is inhibited 
there by the catalyst preferentially adsorbed at the interface. 

C. Auto-oxidation and induced oxidations 

It has already been indicated in the foregoing topic that in 
many auto-oxidation reactions the inhibitor is oxidized during the 
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oxidation, yet itself is relatively unaffected when exposed alone 
to free oxygen. This phenomenon is known as induced oxida¬ 
tion, and was probably first noticed by Schonbein (142), and 
described later by Kessler (143), van’t Hoff (144), Jorissen (145), 
Traube (146), Engler and Wild (5), Job (147), Goard and Rideal 
(148, 125), Dhar (149), and by many others. Some specific 
examples are to be found in the recent experiments of Milas 
(24, 32) on the induced oxidation of anthracene to anthraquinone 
or of phenanthrene to phenanthrenequjnone and thence to di- 
phenic acid during the auto-oxidation of anethole or of styrene, 
of Backstrom (150, 26b) on the induced oxidation of isopropyl, 
sec-butyl, and benzyl alcohols to acetone, methyl ethyl ketone, 
and benzaldehyde respectively during the oxidation of sodium 
sulfite, of Mardles (151) on the induced oxidation of benzene to 
phenol, or of aniline, ethyl alcohol, etc., during the slow combus¬ 
tion of ethyl ether, ethane, or carbon bisulfide, of Jorissen and Van 
der Beek (152) on the induced oxidation of carbon tetrachloride 
to phosgene during the auto-oxidation of benzaldehyde, and of 
Jorissen (153) on the induced oxidation of several organic and 
inorganic substances during the oxidation of sodium sulfite. 

It must be emphasized here again that not all inhibitors are 
necessarily inducedly oxidized, and the reverse is also known to 
hold in many cases. As a matter of fact, many substances which 
are inducedly oxidized are definitely known to accelerate auto¬ 
oxidation reactions. This is well exemplified by the induced 
oxidation of phenanthrene which accelerates the oxidation of 
anethole. Furthermore, this phenomenon is readily accounted 
for by the assumption that the induced oxidation will undoubtedly 
enhance, at least in the present case, rather than interrupt the 
propagation of reaction chains. Such a view may also hold with 
all auto-oxidation reactions in w'hich an acceleration takes place 
when a foreign substance is added and the latter is inducedly 
oxidized. Even in oxidations in which inhibition occurs, it has 
not been definitely established whether it is the induced oxida¬ 
tion that interrupts the propagation of reaction chains, or the 
interaction of the oxidation products of the inhibitor with the 
active molecules of the auto-oxidant. The latter process seems 
more plausible, in the opinion of the author, in view of consider- 



324 


NICHOLAS A. MILAS 


able evidence accumulated during the last few years in connection 
with the inhibitory effects of the oxidation products of certain 
inhibitors. 


D. Auto-oxidation and polymerization 

The effect of auto-oxidation on the polymerization of various 
unsaturated organic substances as exemplified by the “drying” 
oils in the paint and varnish industry (154), by the slow resinifi- 
cation of terpene-like substances and other essential oils in the 
presence of air, and by the gradual formation of rubber-like 
substances from isoprene, butadiene and its derivatives, etc., on 
exposure to air (155) has been known for some time. Engler and 
Weissberg (156) have pointed out the influence of auto-oxidation 
on the polymerization of styrene and its derivatives, cyclopenta- 
diene, indene, cumarone, etc. 

The elucidation of the mechanism of these reactions had its 
origin with the work of Stobbe and Posnjak (157), who arrived 
at the conclusion from kinetic studies of the polymerization of 
styrene to metastyrene, under the influence of light and heat, 
that the acceleration of such a polymerization was due to the 
initial formation of an “Autokatalysator” or a “Polymerizations- 
kern.” Almost simultaneously Heinemann (158) found that 
oxygen or ozone effected the polymerization of isoprene to 
rubber. 11 

Several years later Moureu, Dufraisse, and their coworkers 
(31) demonstrated the existence of a relationship between the 
auto-oxidation of acrolein and its polymerization to disacryl. 
No polymerization of this substance was found to occur in the 
dark provided oxygen was excluded, whereas either light or 


11 Since the work of Heinemann, numerous other patents, taken in various 
countries, describe the polymerization of several organic substances in presence 
of oxygen, organic peroxides, ozone, and ozonides. In connection with this 
work the following recent contributions are of interest, the polymerization of 
styrene catalyzed by benzoperacid (32); that of isoprene, under high pressures, 
catalyzed by organic peroxides (159); that of vinyl acetate catalyzed by benzoyl 
peroxide (160); that of styrene, indene, etc. catalyzed by octylene ozonides (161); 
and that of styrene and cyclopentadiene catalyzed by benzoyl peroxide and di- 
phenylethylene peroxide (162). 
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oxygen alone readily effected the polymerization. When oxygen 
was present in excess the photopolymerization was inhibited, 
most of the acrolein being oxidized rather than polymerized 
(ef. reference 163). This is not at all unusual, as Backstrom 
( 164 ) has already pointed out, since there exists a competition 
between the auto-oxidation and polymerization reactions, and 
the active acrolein molecules are likely to react, under these con¬ 
ditions, more readily with oxygen than with one another to form 
polymers. 

Polymerizations of the type here described, like auto-oxida¬ 
tions, are susceptible to negative catalysts, and a given negative 
catalyst like hydroquinone may inhibit both of these reactions 
at the same time. However, negative catalysts are known 
which will inhibit the polymerization, but allow the auto-oxida¬ 
tion to proceed at a relatively high rate. Anthracene, for ex¬ 
ample, inhibits completely the polymerization of styrene, but 
allows its oxidation to proceed at a relatively high rate. 

That polymerizations of the type here described have a chain 
mechanism was first suggested from various considerations by 
Milas (165), and later confirmed by Starkweather and G. B. Tay¬ 
lor (160) and by H. S. Taylor and Vernon (163). In the accel¬ 
eration of polymerizations by organic peroxides, the latter seem 
to behave as "trigger” catalysts, initiating reaction chains by 
reacting directly with the auto-oxidizablc substances. With 
oxygen, polymerization is undoubtedly effected by the energy 
liberated during the formation of the dative peroxides, then- 
subsequent rearrangement and decomposition of the rearranged 
product, their polymerization, or their reaction with the active 
unoxidized molecules of the auto-oxidants. Furthermore, the 
energy liberated as the result of polymerization of the unoxidized 
molecules should not be overlooked. 

In cases in which polymerization and auto-oxidation occur 
simultaneously three possible reactions should be considered: 
(a) Auto-oxidation of the unsaturated substance. Under ordi¬ 
nary conditions and in the dark, thi3 reaction is indispensable 
to polymerization, and usually precedes the latter. (6) Poly¬ 
merization of or through the aid of the dative peroxides. This 
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reaction has been particularly advocated by Staudinger (106, 
139, 162) in connection with the auto-oxidation of ketenes and 
imsym-diphenylethylene, and by Morrel and Marks (167) in 
connection with the polymerization of “drying” oils. Staudinger 
further believes that the monoxides, formed from the monomer 
peroxides, undergo polymerization to polyoxides, but it has not 
been definitely established whether monoxides are ever formed 
or polymerize in the manner described. Direct experimental 
evidence in favor of the monoxide formation through auto-oxi¬ 
dation is certainly lacking, especially in the field of unsaturated 
oils. ( c) Finally, direct polymerization of the active unsaturated 
molecules. In accordance with the reasoning developed in 
section II, these reactions may now be illustrated as follows: 

(a) Auto-oxidation reaction. The active auto-oxidant mole¬ 
cules may be represented by structures II and III, and the carbon 
atom to which the oxygen molecule initially adds depends en¬ 
tirely upon the nature of the group It. In auto-oxidants having 
symmetrical structure both II and III are likely to be present, 
while substances with unsymmetrical structure like styrene, 
wnsywi-diphenylethylene, etc., may be represented by II only. 

H H H H H H 

R:C:C:H R:C::CH <=S R:C:C:H 

II I III 

The dative peroxide for unsyrn-diphenylethylene, for example, R. 
representing the phenyl group, is formed as follows: 

RH RH 

R:C:C:H + 6:0: —► R.C:C:H 

: 0 : 

: 0 : 

This dative peroxide, which is highly active and is assumed to 
exist only momentarily, may (/) rearrange to form a relatively 
inactive peroxide which tends to break down with liberation of 
energy, (#) undergo polymerization, or (3) react with active 
unoxidized molecules resulting in mixed polymers. In each 
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case its excess energy is liberated and made available for the 
activation of other molecules, and the initiation of new reaction 
chains. 


RH 

R:C:C:H 

: 0 : 

: 0 : 


R H 

I I 

R—C- -CH -> RjC=0 + HCHO 

I I 

0—0 


(b) Polymerization of or through the aid, of the dative peroxide. 
Staudinger’s formulation is adopted here, not because it is free 
from any criticisms, but because it seems the simplest and most 
probable formulation at present. 

RiH a .. .. R, H 2 I*R a H a 1 It H 2 

n C:C:0:0: -> ... C—C—0—0—[c—C—0—Oj—C—C—O—O ... 


For a somewhat symmetrical structure as in the case of “drying” 
oils the following formulation is possible: 


RR 

a C:C:0.0: 

ii H 


R R 

I I 

. c—c—o—o—! 

I I 

H H 


R R R R 

II M 

C—C—0—0—C—C—0—0 

II II 

H H H H 


R R 

I I 

-C—C—0—0 . 


. H H 
A-2 


and for the mixed peroxide-auto-oxidant polymer, 

R.H2 ,, R 2 H 2 R 2 H s R, H 2 f R» Hjl R 2 H 2 

C:C:0:0: + n C:C: -> ... C—C—O—0—C—C—[C—C J— C—C ... 

(c) Direct polymerization of the active auto-oxidant molecules. 
That polymerizations of this type are exothermic may be readily 
shown by a simple calculation of the heats of polymerization 
from the heats of combustion of the monomers and polymers. 
Besides oxygen, peroxides, ozone, or ozonides, light, especially 
that of short wave length, can initiate and accelerate this reac¬ 
tion. It may be briefly formulated as follows: 

R 2 H 2 PR 2 Hil R a H 2 

. c—c— c—c —c—c... 

L ->n - 2 


R 2 H 2 
n C:C: 
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A very interesting polymerization induced by a preliminary 
auto-oxidation is that of thiobenzophenone recently studied by 
Staudinger and Freudenberger (168). When thiobenzophenone 
is allowed to oxidize slowly the following substances are formed: 
benzophenone, the dimer of thiobenzophenone, sulfur in statu 
nascendi, polymerized sulfur, and very small amounts of sulfur 
dioxide indicating, according to the authors, that the oxygen 
molecule had originally added to the carbon atoms rather than 
in the usual manner. We are inclined to disagree with this in¬ 
terpretation, and our analysis of the reaction leads us to the 
following alternative view in which molecular oxygen adds initially 
onto the sulfur atom. 

(C»Hj)sC:S: +6.6: -> (C„H 6 ) 2 C:S: -*• (C,H,) S C—S -» (C,H 6 )»C=^0 + (80) 

. :0: II 

0--0 

: 0 : 


(C 6 H c ) 2 C=S + SO -> (CJi*) 2 C--S (C,H,),C=0 + 2 S 

I I 
o—s 

Part of the SO, however, will further oxidize to S0 2 and in cer¬ 
tain cases (34) even to S0 3 . All these reactions will undoubtedly 
liberate enough energy to induce the polymerization of thio¬ 
benzophenone to its dimer which will react will nascent sulfur to 
form the trisulfide, 

E. Auto-oxidatioii and chemiluminescence 12 

Perhaps one of the earliest and well-known examples of chemi¬ 
luminescence associated with auto-oxidation phenomena is that 

12 Although chemiluminescence is produced by several other oxidations—e.g., 
the oxidation of pyrogallol by hydrogen peroxide in the presence of alkali (169) or 
peroxidases (170); the Wedekin reaction (171) consisting of the oxidation of 
phenylmagnesium bromide or iodide by chloropierin which gives an intense green 
luminescence; the oxidation of Grignard compounds with other nitro compounds, 
recently studied by Gilman and his students (172); and the interesting reaction 
recently discovered by Albrecht (173) relating to the oxidation of aminophthalic 
hydrazide and some of its derivatives, which produces a rather strong lumi¬ 
nescence visible even in concentrations of 10~ 8 mole-only those in which molec¬ 
ular oxygen is concerned will be discussed here. 
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of the auto-oxidation of white phosphorus. 1 * As far back as 1877 
Radziszewski (176) reported the evolution of light when sub¬ 
stances like formaldehyde, aldehyde of ammonia, several amides, 
etc., auto-oxidize in the presence of alkali. A little later Perkin 
(177) showed that when ether vapor mixed with air was allowed 
to impinge on the surface of a heated copper ball, a faint bluish 
luminescence appeared provided the ball was not hot enough to 
cause ignition of the ether. The same phenomenon was observed 
with a number of other organic substances which have since 
been reported to have a tendency to promote ‘ knocking” when 
used as motor fuels (178,151). 

Thorpe and Rodger (179) have found that thiophosphonyl 
fluoride, a colorless gas, inflamed spontaneously when mixed with 
air, while more recently Del6pine (34) (see also Billeter and Wavre 
(180)) has shown that the property of chemiluminescence is 
general with the auto-oxidation of numerous organic sulfur com¬ 
pounds, especially with thiosulfocarbonates of the general type 
S=CRs where R can be methoxyl, ethoxyl, SCH s , N(CH 3 ) 2 , 
etc. Like other auto-oxidation reactions these are influenced by 
both negative and positive catalysts. For example, the addition 
of alkalis or ammonia intensifies the evolution of light, whereas 
the addition of ether, ethylene and butylene oxides, turpentine, 
ethyl and methyl alcohols, benzene, etc. diminishes it. 

The auto-oxidation of organomagnesium halides affords an¬ 
other interesting example of chemiluminescence. Notable con¬ 
tributions to this field have been made by Moeller (181), Lif- 
schitz (182), Evans and Dufford (183), and by Dufford and 
coworkers (184). The last named investigators studied over 
sixty different Grignard compounds, and their findings may be 
summarized as follows: The chemiluminescence accompanying 
the auto-oxidation of Grignard compounds depends upon the 
presence of magnesium (although calcium compounds show faint 
luminescence) and its direct attachment to an unsaturated car- 

13 An excellent and thorough discussion of this reaction has been given recently 
by B&ckstr6m (26a); since then, Miss Miller (174), and Bowen and Cavell (176) 
have carried out further some very interesting experiments on the oxidation of 
phosphorus. 
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bon atom. 11 The nature of the solvent seems to affect the in¬ 
tensity but not the wave-length of the emitted light, while both 
the wave-length and the intensity are influenced by the nature 
of the halogen and the organic radical attached to the magnesium 
atom. Furthermore, the brightness of chemiluminescence is 
affected by the position and nature of the second substituent 
group in the benzene ring. For example, p-ClC«H 4 MgBr shows 
a brightness of 2400 microlamberts, whereas the corresponding 
meta and ortho compounds show a brightness of only 205 and 
14 (?) microlamberts respectively. The light given off when the 
Grignard compounds are oxidized with chloropicrin is different 
from that obtained with oxygen. When oxidized with organic 
peroxides, notably benzoyl peroxide, these compounds gave faint 
luminescence, although the authors did not try a truly active 
organic peroxide like benzoperacid. In this connection Lif- 
schitz and Kalberer (182a) found benzene triozoniae to be active. 
It is very unfortunate that the chemistry of these interesting auto¬ 
oxidations is very vague, owing to the fact that they have always 
been studied in solvents and that the latter have been found to be 
simultaneously oxidized (186). More work is, therefore, needed 
before a satisfactory explanation of the mechanism of these 
reactions can be given. 

Still another source of chemiluminescence is to be found in the 
oxidation of silicon compounds, especially that of silikone, a solid 
mixture of siloxene (H e Sie0 3 ) and its oxidation products, studied 
by Kautsky and his students (35). Silicobromoform was re¬ 
cently reported by Schumb aud Young (187) to be spontaneously 
inflammable on exposure to air, but its luminescence has not been 
further investigated. To account for chemiluminescence in 
oxidation reactions, Kautsky (35a) proposed the following 
explanation. The energy which is set free during the oxidation 
first remains associated with the oxidation products, which may 
emit part of it in the form of light or transfer it without light 

14 Dufford (186) himself found recently that this generalization iB not quite 
true, since several aliphatic Grignard compounds, such as methyl, ethyl, propyl 
and butyl compounds in which the magnesium is attached to a saturated carbon 
atom, give faint luminescence on auto-oxidation. 
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emission to neighboring molecules, raising them to higher energy 
levels. These, then, may revert to a state of lower energy con¬ 
tent by emitting their excess energy as light. 16 

Chemiluminescence of another type, usually known as biolu¬ 
minescence, is associated with the respiration phenomena of 
certain types of insects, such as the fire-fly, small crustaceans, 
such as cypridina, and numerous bacteria. It has been found 
by Harvey (36, 189) and others that the luminescence is emitted 
as a result of the oxidation of definite chemical substances pro¬ 
duced in the luminous cell. In cypridina, for example, the lu¬ 
minescence is due to the auto-oxidation of two chemical sub¬ 
stances, luciferin and luciferase, the latter being an enzyme. 
The chemical properties of these substances are excellently sum¬ 
marized by Harvey (189) who points out that oxygen and luciferase 
acting together on luciferin are indispensable to light production. 
No light is produced when luciferin is rapidly auto-oxidized in 
the absence of luciferase, nor is it produced in the presence of 
this enzyme when luciferin is oxidized by oxidizing agents other 
than molecular oxygen. He further concludes that the reaction 
is an oxidative dehydrogenation analogous to that of leuco- 
methylene blue and may be formulated as follows: 

RH 2 (luciferin) —► R(oxyluciferin) 4* Hj 
H* + 1/2 0* H 3 0 

Perhaps we ought to be reminded here that the oxidation of 
leuco-methylene blue with oxygen has been found recently by 
Macree (190) to be a true auto-oxidation reaction in which the 
oxygen adds initially onto methylene white to form a dative 
peroxide. Analogously luciferin may be assumed to auto- 
oxidize forming a dative peroxide rich in energy content, which 
rearranges and decomposes in the presence of luciferase in such a 
manner as to liberate part of its energy as light. That this might 
be the case is borne out by the work of Moureu and his collabora¬ 
tors (191) on the chemiluminescence emitted during the decom- 

18 For an excellent theoretical treatment of chemiluminescence, see Griffith 
and McKeown (188). 
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position of rubrene peroxide (see p. 340). Harvey himself has 
proposed a mechanism involving the transfer of energy, but only 
from the active water molecules to luciferase which, then, re¬ 
emits it in the form of light. It is not certain, however, that 
water is the initial product of the auto-oxidation of luciferin, 
consequently the latter mechanism may not be entirely justifi¬ 
able. 

F. Auto-oxidation and structure 

The structure of auto-oxidizable substances plays an exceed¬ 
ingly important r61e in determining their susceptibility to the 
action of molecular oxygen. Qualitatively it has been known 
for a long time that, other factors being constant, substances hav¬ 
ing different groups in their molecules behave differently towards 
molecular oxygen. However, only few quantitative studies are 
available in the literature. Staudinger and his students (192) 
studied the absorption of oxygen when weighed samples of 
certain aromatic aldehydes were kept in sealed tubes in excess 
of oxygen at 130-131°; at the end of fifteen hours the percentage 
of oxygen absorbed was determined. Table 4 shows some of the 
results obtained, which are the average of two runs for each 
aldehyde. 

Comparative rates of auto-oxidation of several aldehydes 
have recently been published by Bogert and Davidson (193). 
Table 5 shows some of their results. The figures given represent 
the average maximum oxygen absorption rate jn cubic centimeters 
of moist oxygen per minute per 4 cc. of each aldehyde. These 
authors have also determined the oxidation rates of several 
aliphatic aldehydes, and came to the conclusion that with one 
exception (octanal) the aliphatic aldehydes oxidize less rapidly 
than benzaldehyde. 

The results of both groups of investigators seem to indicate 
that a free hydroxyl group attached to the benzene nucleus 
(p-hydroxybenzaldehyde, vanillin) has a retarding influence on 
the oxidation of the aldehyde. A group in the ortho position is 
likewise more effective than one in the para or meta positions. 
In making such comparisons, however, the polymerization of the 
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aldehyde during the oxidation should not be overlooked. For 
example, phenylacetaldehyde (194) and p-nitrobenzaldehyde 
(192) oxidize comparatively slowly, yet they polymerize rapidly. 
Therefore the auto-oxidation rate alone does not determine the 
activity of the aldehyde group. 

TABLE 4 


Comparative oxidizability of certain aromatic aldehydes 


ALDEHYDE 

OXYGEN ABSORBED 
PEB 15 HOURS 

Benz aldehyde . . ... .... 

per cent 

81 1 

p-Acetoxybenzaldehyde. . . . i 

81 1 

m-Methoxybenzaldehyde .... 

72 2 

p-Methoxybenzaldehyde . .... 

53 2 

o-Methoxybenzaldehyde. . . 

44 4 

p-Dimethylaminobenzaldehyde. . 

31 4 

p-Hydroxybenzaldehydc . . . . 

5.6 


TABLE 5 

Maximum auto-oxidation rates of certain aldehydes 



1 MAXIMUM OXYGEN ABSORPTION 

ALDEHYDE 

R VTE PER 4 CC 

OF ALDEHYDE 


At 22° 

At 100° 


cc per min 

cc per min. 

«-Amylcinnamic aldehyde . — 

5 4 


Cinnamic aldehyde. ... . 

2 2 


Benz aldehyde .... 

1 6 


p-Methoxybenz aldehyde . . ... 

0 00 

4 0 

Piperonal. . . . 


2 0 

Vanillin . ... .... 


0 12 

Ethylvanillin .. . 


0 10 

Salicylaldehyde . . 


0 00 


Although different groups exert some influence on the auto¬ 
oxidation of unsaturated substances, the position of the double 
bond seems to be of greater significance. Isoeugenol and iso- 
safrole, for example, are much more readily oxidizable than 
their corresponding isomers, eugenol and safrole. The following 
order with decreasing oxidizability has been found by the present 
author to hold for six unsaturated substances: anethole >styrene 





334 


NICHOLAS A. MILAS 


> isoeugenol > isosafrole > eugenol > safrole. These results 
indicate that end double bonds are less reactive than internal 
ones. Similar conclusions have been reached by Kuhn and 
Meyer (120) with regard to the auto-oxidation of certain unsatu¬ 
rated fatty acids, and by Hyman and Wagner (75) in connection 
with the auto-oxidation of the amylenes. The reason for the 
difference in activity of the two types of double bonds is not well 
known. With unsaturated substances as with aldehydes, the 
polymerization rates should not be overlooked. 


TABLE 8 

Formation of peroxides in oxidizing ethers 


ETHER 

PEROXIDIC 
OXYGEN FORMED 
PER MOLE OF 
ETHER IN 40 
HOURS 


grams 

feW-Butyl benzyl. . .... 

2 326 

sec-Butyl ethyl. 

0 760 

terJ-Butyl ethyl. . 

0 600 

n-Butyl ethyl. . 

0 496 

Isobutyl ethyl .... .. . 

0 440 

£ert-Butyl n-propyl .... . 

0 360 

n-Dibutyl . 

0 320 

JerJ-Butyl methyl. . . 

0 117 

p-Methyl cresol . . . 

0 0225 

o-Methyl cresol . ... . . 

0 0184 

Phenetole. . 

0 0176 

Anisole. . 

0 0094 

Diphenyl. . . 

0 0024 


The rate with which molecular oxygen combines with ethers 
to form oxonium peroxides seems to be influenced largely by the 
nature of the groups to which the ether oxygen is attached. 
Aromatic groups (diphenyl ether) impart a rather high stability 
to the ether oxygen, whereas aliphatic groups especially when the 
two groups are unlike (£en!-butyl benzyl ether) impart to it a high 
instability towards molecular oxygen. Table 6 shows some pre¬ 
liminary results recently published by the author (20a) on the 
auto-oxidation of certain ethers under the influence of ultraviolet 
radiation. With the majority of ethers studied, the total per- 
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oxide formed increases, for long periods of time, proportionately 
with the time of irradiation, so that the figures given in table 6 
correspond to the total peroxide formed at 45°, and at the end 
of forty hours of irradiation calculated in grams of peroxidic 
oxygen formed per mole of each ether. 

Numerous other examples of more or less qualitative nature are 
to be found in the literature, but space does not permit their 
discussion in this review. 

V. CLASSES OF AUTO-OXIDATION REACTIONS 

Auto-oxidation reactions may be conveniently divided into 
two classes: (A) Reversible auto-oxidations, sometimes termed 
oxygenations, 18 including those in which the oxygen addition 
compounds of the auto-oxidants show considerable dissociation 
at lower pressures or higher temperatures than those under 
which they are formed. ( B ) Irreversible auto-oxidations com¬ 
prising those in which the molecular oxygen forms with auto¬ 
oxidants non-dissociable but often highly unstable peroxides 
which may rearrange or spontaneously decompose to form simpler 
products. 


A. Reversible auto-oxidation reactions 

1. Hemoglobin. For a long time hemoglobin has been the 
classical example of this class of auto-oxidation reactions, and 
its unique property of combining reversibly with molecular 
oxygen seems to control the entire respiratory function of the 
blood. In view of three excellent reviews published recently on 
this subject by Barcroft (196), by Hastings (197), and by Anson 
and Mirski (198), it would be unnecessary to discuss this topic 
here at any great length. 

That a chemical change occurs when oxygen combines with 


18 Conant (195) prefers to term these oxidations oxygenations, but the present 
author believes that this term would be confused with that used by Moureu, 
Dufraisse, and their collaborators to include all auto-oxidation reactions. For 
lack of a better term we prefer the one established by long usage, viz., auto¬ 
oxidation. 
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hemoglobin is evident by (a) the heat evolved, 17 ( b ) the change of 
color from dark reddish purple to scarlet, and (c) the increase 
in acidity which has been attributed to an increase in the 
dissociation constant of one of the hydrogen atoms in the hemo¬ 
globin molecule (201). In the oxidation of hemoglobin the 
assumption has been made that one molecule of oxygen combines 
reversibly with one molecule of hemoglobin, and such a reaction 
has been found to obey the mass action law. 

Hb + O, HbOa (1) 

This view requires that the equilibrium curve should be a 
rectangular hyperbola. However, equation 1 was deduced on 
the assumption that hemoglobin has a molecular weight of 16700 
as determined from its content of iron, which is present to the 
extent of one atom to each molecule of oxygen absorbed. But 
recent determinations of the molecular weight of hemoglobin 
by two independent methods (202, 203) have shown that the 
molecular weight is not 16700, but four times this value. This, 
of course, necessitates that equation 1 should be written as follows: 

Hb, + 40,fi HbiOg (2) 

The equilibrium curve represented by equation 2 is no longer a 
rectangular hyperbola, but one with a large inflection. Such a 
formulation, therefore, introduces a difficulty which can be over¬ 
come only by making the assumption that the reaction takes 
place in steps in which the existence of intermediate compounds 
is postulated. 


Hb 4 -f 0 2 <=± Hb 4 0 2 

(3) 

Hb 4 0 2 + 0 2 ^ Hb 4 0 4 

(4) 

Hb 4 0 4 + 0 2 <=± Hb 4 0« 

(5) 

Hb 4 Oe + 0 2 Hb 4 0 8 

(6) 


17 The heat evolved when one gram molecule of oxygen combines with hemo¬ 
globin has been determined by several investigators (Barcroft (196), page 186), 
but no two seem to agree; the values given vary from 5,350 calories at 38° (199) to 
15,000 calories at 34° (200). It would be of interest to compare this value with 
that obtained when one gram molecule of oxygen combines with benzaldehyde to 
form benzoperacid, a non-reversibie peroxide. This has been estimated by 
B&ckstrom (26a) to be about 47,000 calories. 
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The intermediate compounds Hb 4 0 2 , Hb 4 0 4) Hb 4 0 6 , according to 
Conant and McGrew (195), would be expected to be more soluble 
than the completely auto-oxidized product, and might be easily 
separated from it. An attempt made by these investigators to 
isolate the intermediate products was entirely unsuccessful. 
Therefore, the present mechanism of the reversible auto-oxida¬ 
tion of hemoglobin seems to rest still entirely on the possibility of 
the existence of these intermediate products. 

The question may now be raised, if hemoglobin forms a com¬ 
pound with oxygen, what type of union has been established? Is 
it non-polar, or is it a dative or coordinated union like that 
postulated under section II? If it is the latter, is it between the 
iron atom and the oxygen molecule, or is it between some other 
highly unsaturated part of the hemoglobin molecule and oxygen? 
It is well known that removal of the iron atom from hemoglobin 
deprives the latter of the property of combining reversibly with 
oxygen. Yet when hemoglobin is subjected to a series of careful 
purifications, it becomes less and less active towards oxygen for 
every successive purification, until finally it loses its power to 
combine reversibly with the latter, though it still contains iron. 
Moreover, oxyhemoglobin does not behave like a peroxide al¬ 
though under certain conditions it might be made to act as 
though it contained active oxygen. 18 For example, Roaf and 
Smart (204), and independently Quagliarello (205), found that 
the addition of acid to oxyhemoglobin caused the liberation of 
only 50 per cent of the oxygen bound to it; the remaining 50 
per cent caused the conversion of oxyhemoglobin to methemo- 
globin which they represented by HbO. It is now known that 
substances containing peroxides cause this transformation to 
take place (206), and one might conclude that in the case cited 
above some of the oxygen of the oxyhemoglobin had been con¬ 
verted into active oxygen. This is not at all surprising since 
the respiration ferment of Warburg (130), which, according to 
him, is closely related to hemin, the iron complex portion of 

18 If all the oxygen bound to hemoglobin were of peroxidic nature, the active 
oxygen would be less than 0.1 per cent, an amount which is very small yet easily 
detectable. 
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hemoglobin, activates oxygen, and in so doing develops oxidizing 
and catalytic powers. Hemoglobin differs from this ferment in 
that it has no catalytic powers; it even fails to utilize its oxygen 
on the way from the lungs to the tissues. 

From what has been said in the foregoing paragraph, one may 
conclude that the valence problem as applied to oxyhemoglobin 
is not as simple as it may seem. Its solution may be facilitated 
only by a thorough study of simpler auto-oxidants of known 
structure possessing the property of combining reversibly with 
oxygen. 

2. Hemocyanin. Hemocyanin is another substance of bio¬ 
logical nature which combines reversibly with oxygen (207, 208). 

Hey + 0, HcyOj (1) 

This property of hemocyanin has been found to be responsible 
for the control of the respiratory function of the blood of certain 
classes of invertebrate animals such as crabs, lobsters, snails, etc. 
The mechanism of oxygen transport in the blood of these animals 
is subject to the same laws as that in the blood of vertebrates. 
The only apparent difference between hemocyanin and hemoglo¬ 
bin is that the former contains a copper-pyrrole complex rather 
than iron, and that the ratio of copper to the bound oxygen is 
two atoms of the former to one molecule of the latter. However, 
with hemocyanin as with hemoglobin, we are confronted with 
the same difficulty when we attempt to examine the nature of 
the union between oxygen and this substance.- 

3. The synthesis of a “respiring model." Quite recently Kunz 
and Kress (209) made the important synthesis of an iron complex 
of indigo blue, which, according to these investigators, is capable 
of combining reversibly with oxygen. They prepared it by 
allowing iron carbonyl in excess to react with indigo blue in an 
anhydrous pyridine solution. The product is a yellowish red 
crystalline substance containing one atom of iron to two moles 
of indigo blue. One may formulate the reaction as follows: 
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co oc 

/ \ / \ 
c,h 4 C=C C c H 4 

\ / \ / 

NH NH 


CO 

/ \ 

OC 

/ \ 

\/ 


, C— 

C C.H 4 + Fe(CO) 4 

Fe 

+ 5 CO 

\ / 

N 

\ / 

N 

/\ 



|| NH NH 

H H / \ / \ 


C,H 4 C^C c,h 4 
CO OC 


The iron in such a complex is assumed to be held very loosely by 
the subsidiary valences of the nitrogen atoms (cf. Kuhn and 
Machemer (210) and Machemer (211)), since dilute acids and 
even water decompose the complex with regeneration of indigo 
blue. On bubbling dry oxygen through a pyridine solution of 
the complex, the red color of the solution becomes green and a 
compound is formed containing one molecule of oxygen to one 
atom of iron. At low pressures and moderate temperatures, all 
the oxygen is removed and the solution turns red again. If, 
however, the green solution is kept on ice for some time, the 
oxygen becomes firmly bound and cannot be removed either by 
vacuum or by heat. On long standing at room temperature, 
the green solution becomes red, the oxygen having been utilized 
to oxidize some of the indigo to isatin and a colorless by-product. 
This reaction is facilitated by heat. Dry hydrogen cyanide 
inhibits the addition of oxygen to the complex, and only by very 
long bubbling of oxygen does the solution change in color to green. 
Unlike hemoglobin or the respiration ferment of Warburg, the 
indigo complex fails to form an addition compound with carbon 
monoxide, although it does combine with nitfic oxide. 

From the foregoing remarks one may easily conclude that the 
mechanism of the auto-oxidation of the iron-indigo complex 
might be analogous to that of the auto-oxidation of hemoglobin. 
Furthermore, the primary oxygen addition seems to be very 
loose and has a tendency to become more firmly bound. Accord- 
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ing to Kunz and Kress, the oxygen molecule adds on to the metal 
of the complex, but there seems to be no experimental evidence 
to corroborate this view. The fact that isatin is formed by the 
oxidation of the complex indicates that oxygen might have added 
on to the double bond of the indigo group. This is readily 
understood by assuming that the occupation of the molecular 
valence electrons of the nitrogen atoms by the iron tends to 
activate the double bonds of the indigo groups and render them 
more accessible to molecular oxygen. This reasoning may also 
apply to hemoglobin and allied substances. 

4. Rubrene. Reversible auto-oxidation reactions are not lim¬ 
ited to metallic complex substances, such as those discussed in 
the foregoing topics, but are also found among substances entirely 
free from any metals. Perhaps one of the leading syntheses in 
organic chemistry made recently by Moureu, Dufraisse, and 
Dean (212), is that of a colored hydrocarbon, rubrene, which is 
capable of fixing one molecule of oxygen to form a dissociable 
peroxide (oxyrubrene). The importance of the discovery of this 
remarkable substance may be indicated by more than twenty- 
eight publications which have already appeared, all of them in 
French, describing its unusual properties and derivatives. The 
empirical formula of rubrene, as deduced from analytical data, is 
C 42 H 28 , and the structural formula in closest agreement with its 
behavior is that proposed by Willemart (213, 214). Rubrene 
was first prepared by heating in vacuum at 100-120° phenyl- 
acetylenediphenylchloromethane; two molecules of hydrogen 
chloride split off and rubrene, an orange-red solid hydrocarbon, 
was formed along with some resinous material. Its synthesis, 
leaving out all possible intermediate stages (213a, 215), may now 
be formulated as follows: 



2 


+ 2 HC1 
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Another method of preparation has been recently worked out 
by Robin (216), and the difficulties encountered with the original 
method of preparation have been very recently discussed by 
Moureu, Dufraisse, and Lotte (217). 

In solution, rubrene is not appreciably oxidized in the dark, 
but in the presence of light the oxidation proceeds rapidly fol¬ 
lowed by the evolution of heat 19 and by the disappearance of the 
red color and the yellow fluorescence of the solution. Inhibitors 
such as hydroquinone, pyrocatechol, etc., retard this oxidation. 
Oxyrubrene separates out as a colorless crystalline compound with 
solvent of crystallization (219); it dissociates under a high vac¬ 
uum. The dissociation of oxyrubrene into its components, under 
various conditions of pressure and temperature, is always ac¬ 
companied by emission of light, and the critical dissociation pres¬ 
sure, at 16°, has been found to be about 5 mm. (220). Partial 
reduction of oxyrubrene yields a non-dissociable oxide (met- 
rubrene) containing one oxygen atom per molecule of rubrene 
(221, 222). Metrubrene can also be prepared by direct oxidation 
of rubrene with oxidizing agents other than free oxygen. Under 
no circumstances were the authors able to isolate metrubrene 
as an intermediate product in the formation of oxyrubrene, or to 
produce the latter by its auto-oxidation. 

An attempt has been made recently by Dufraisse and Badoche 
(222) to determine the type of union between the oxygen molecule 
and rubrene in oxyrubrene by allowing the latter to react with 
the Grignard reagent and subsequently isolating the products 
formed. The reaction, however, was too complicated to yield 
any decisive conclusions, but as a result of it a second non- 
dissociable oxide of rubrene (isooxyrubrene) was produced con¬ 
taining two atoms of oxygen and possessing entirely different 
properties from oxyrubrene. Inasmuch as this oxide could be 
easily reduced to rubrene, the authors concluded that it must 

19 Dufraisse and Enderlin (218) calculated recently the heat evolved when one 
gram molecule of oxygen combines with rubrene to form oxyrubrene. This is 
23,000 calories, which is more than that evolved when oxyhemoglobin is formed 
but less than the heat (about 60,000 calories) evolved when one gram molecule of 
oxygen is introduced into the ethylene bond. 
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have its skeleton structure, and that the oxygen atoms are con¬ 
nected in such a way as to form two furane rings. The authors 
represented the structure of metrubrene and isooxyrubrene as 
follows: 


C»Hj 


C,H S 


/\/ c v y c \/\ 

V_n/ 


\/\ 


!—C? 

o- 




c,h 5 


-c 

I 

c,h 4 


Metrubrene 



C«H 6 C ft H 6 


Isooxyrubrene 


The evidence for the presence of furane rings in metrubrene and 
isooxyrubrene is, in the opinion of the present author, inconclu¬ 
sive, and the possibility of two ethylene oxide groups resulting 
from a splitting off of a moloxide has not been entirely overruled. 
Summarizing the conversion of rubrene to its different oxides and 
their mutual transformations, and comparing these with analo¬ 
gous transformations of hemoglobin, we have: 


Isooxyrubrene Oxyrubrene Oxyhemoglobin 



It may be clearly seen that the analogy between hemoglobin 
and rubrene is far from being perfect, yet enough similarity exists 
between the two to warrant the assumption, which Moureu, 
Dufraisse, and their collaborators have repeatedly emphasized, 
that in oxyhemoglobin the oxygen molecule might be bound not 
to the iron atom, as it has been assumed hitherto, but to some 
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other unsaturated part of the molecule. The fact that the iron 
in hemoglobin is bivalent and does not undergo a valence change 
during the oxygen transfer in the blood seems to support this 
view. In no case, however, has the nature of the union been 
definitely established. 

One other not so well-defined case of reversible auto-oxidation 
has been reported recently by La Lande (72). A peroxide of 
abietic acid, formed by absorption of oxygen under ordinary 
conditions, was found to lose part of its oxygen when subjected 
to high vacuum and moderate temperature, it was not ascer¬ 
tained, however, whether abietic acid was being regenerated 
at the same time that oxygen was being lost. 

B. Non-reversible auto-oxidation reactions 

1. Auto-oxidation of saturated hydrocarbons. The direct oxida¬ 
tion of hydrocarbons, especially gaseous hydrocarbons, is of 
inestimable theoretical and practical importance, and the com¬ 
plete elucidation of the mechanism involved would constitute an 
important contribution to chemical knowledge. So much has 
been done and written in this field that a complete account of 
it will not be attempted. 20 That the oxidation of several satura¬ 
ted hydrocarbons follows a chain mechanism has been shown 
recently by Pease (224), Pope, Dykstra, and Edgar (225), and 
by Fort and Hinshelwood (226). The last named investigators 
reported that whereas the oxidation of methane is greatly in¬ 
fluenced by its concentration, the oxygen concentration played a 
minor role. A chain propagation was assumed to take place 
when the intermediate “oxygenated"’ products (peroxides or 
aldehydes) collide with fresh molecules of the hydrocarbon, while 
collision with oxygen molecules results in the destruction of the 
reaction chains. Unfortunately, however, the high tempera¬ 
tures employed in all of these investigations made it impossible to 
isolate and identify the initial or intermediate products of each 
reaction. In practically all cases the products reported consist 
of aldehydes, steam, and the oxides of carbon, and in some in¬ 
stances minute traces of peroxides. 

«• The reader is referred to two recent papers (223) which aim to review the 
field up to 1929. 
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The use of oxides of nitrogen to accelerate the oxidation of 
saturated hydrocarbons has been published recently by several 
investigators (227), but no further evidence regarding the identity 
of the initial products has been produced. 

The work of Riesenfeld and Gurian (228) on the oxidation of 
methane is of interest inasmuch as these investigators were able 
definitely to isolate hydrogen peroxide, the formation of which was 
attributed to the interaction of oxygen with atomic hydrogen 
resulting from the dissociation of methane. Ozone was also 
formed in small quantities, but its concentration was entirely 
conditioned by the decomposition of hydrogen peroxide. 

Very recently Bone (229) has again challenged the validity of 
the peroxidation theory of hydrocarbon combustion proposed 
independently by Callender (230), and by Moureu, Dufraisse, 
and Chaux (231), and has with added assurance revived the 
importance of his hydroxylation theory (232). In a re-investiga¬ 
tion of the slow combustion of ethane at temperatures between 
290° and 323° and at initial pressures between 440 and 780 mm.. 
Bone and Hill (233) found that the reaction is characterized by a 
well-defined induction period which is considerably affected by 
the addition to the dry reaction mixture of 1 per cent of the 
following substances: water, ethyl alcohol, iodine, nitrogen 
tetroxide, formaldehyde, and acetaldehyde, the last one causing 
an instantaneous explosion. An increase of the initial pressure 
of the mixture also shortened the induction period, while the 
latter was increased with increased oxygen concentration. The 
products found were chiefly aldehydes, steam, oxides of carbon, 
and traces of peroxides which were assumed to form in the alde¬ 
hyde stage. In spite of these results the authors maintained 
that ethyl alcohol, rather than a peroxide of the hydrocarbon, 
was the initial product of the oxidation. An apparent experi¬ 
mental support of this view is found in the recent experiments of 
Landa (234), who succeeded in isolating alcohols as well as 
aldehydes from the slow oxidation of higher paraffin hydrocar¬ 
bons at 280° to 300°. More recently Bone (229) himself de¬ 
scribed an experiment performed by Newitt and Haffner on the 
combustion of a 9:1 methane-oxygen mixture at 360° and under a 
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pressure of about 100 atmospheres. Of the total methane oxi¬ 
dized 17 per cent appeared as methyl alcohol, about 0.6 per cent 
as formaldehyde, and the remainder as oxides of carbon and 
steam. Neither free hydrogen nor a peroxide was found among 
the products of the reaction. These results, according to Bone, 
constitute “undeniable evidence” in favor of the hydroxylation 
theory. It will be shown later, however, that the isolation of 
alcohols from these experiments is not necessarily at variance 
with the peroxidation theory. 

Perhaps the most important published expe* imental evidence 
in favor of the peroxide theory is to be found in the recent work 
of Mondain-Monval and Quanquin (235). These investigators 
succeeded in isolating organic peroxides having the properties 
of the alkyl a-hydroxy alkyl peroxides, ROOCH(OH)R, from the 
slow combustion of pentane, hexane, octane, or even gasoline in 
air, using the flow method, at about 300°, or a few degrees below 
the temperature at which white fumes began to evolve. Out of 
100 cc. of hexane, for example, they obtained 20 cc. of an oily 
yellow mixture consisting chiefly of organic peroxides, acids, 
aldehydes, and acetals. The mixture had strong oxidizing 
powers, oxidizing potassium iodide and hydroquinone instantly. 
Upon distillation under vacuum, the mixture decomposed 
exothermically with a blue luminescence, yielding formaldehyde 
and other aldehydes. When treated with strong alkalis, it 
liberated hydrogen, a reaction which is peculiar to a-hydroxy alkyl 
peroxides (50, 236, 237). 

The study of the mechanism of the auto-oxidation of hydro¬ 
carbons has also been undertaken in this laboratory in collabora¬ 
tion with Dr. George Thomson (238), and our preliminary results 
seem to support the peroxidation theory 7 . With pure and dry 
n-heptane, for example, the oxidation was effected with a meas¬ 
urable rate, under the influence of ultra-violet radiation, at as 
low as 50°, using the quartz apparatus previously reported from 
this laboratory (20a). The peroxide formed after 12.22 and 
82.47 hours of irradiation was found to be 0.378 X 10 3 g. and 
1.89 X 10 s g. of peroxidic oxygen respectively per 5 cc. of the 
hydrocarbon. Our analytical results, especially the benzidine 
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reaction (20a), seem to indicate that the peroxides are of the 
a-monohydroxy alkyl type, and neutral peroxides presumably 
of the type reported by Mondain-Monval and Quanquin. The 
work is still in progress and complete identification of the prod¬ 
ucts will be reported shortly. 

From the point of view developed in this review, saturated 
hydrocarbons will not add molecular oxygen directly to form 
peroxides because of the absence of molecular valence electrons. 
It is well known, however, that hexaphenylethane and other free 
radical producing hydrocarbons absorb oxygen very readily 
only in their free radical form, and their dissociation may be 
determined quantitatively by measuring the oxygen absorbed 

(239) . The existence of free radicals in hydrocarbon flames has 
already been detected spectroscopically by Bonhoeffer and Haber 

(240) , while more recently Paneth and Hofeditz (241) have 

actually measured the half-life period of free methyl radicals 
obtained from the decomposition of lead tetramethyl. 21 The 
very recent work of Norris and Thomson (243) seems to indicate 
that in many instances the decomposition of hydrocarbons occurs 
in the C-C bond rather than in the C-H bond, and this is to be 
expected from the heats of dissociation of these bonds, which is 
given by Grimm (244) as 71,000 and 92,000 calories respectively. 
In oxidations, however, activation of these bonds might be 
sufficient to expose the necessary electrons for combination 
with oxygen, and from the study of explosion temperatures 
Sagulin (245) found the heat of activation of the C-H bond to 
be about 64,000 calories, which is in fairly close agreement with 
the heat of activation of methane (61,500 calories) recently 
calculated by Fort and Hinshelwood (226). A mechanism of the 
oxidation of hydrocarbons therefore should take into account 
not only all the foregoing considerations but also the stability 
of the initial peroxides formed. As an illustration, the oxidation 
of methane may be considered here. . 0 j,. 


'^her pars 

In a very recent publication Schultze and Mu* . 0< veem to cast some 
doubt on the results of Paneth and Hofeditz Nr * e 
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activation 


H,CH 


H,C: -+ H 


| dissociation , 

L -—» H>C • + I 

HjC: —> H + Oj —► HjCOOH 

2 H|C • + O t —♦ H.COOCH, 

2 H • + 0, -♦ HOOH 


( 1 ) 

( 2 ) 

(3) 

(4) 


Since activation precedes dissociation, methyl hydroperoxide 
may form in larger quantities than either of the other two perox¬ 
ides. Both methyl hydroperoxide and dimethyl peroxide are 
known and their properties have been studied. They decom¬ 
pose spontaneously, according to Rieche (50), as follows: 


HjCOOH -» CH,0 + HjO (5) 

HjCOOCH, -> CHjOH + CH,0 (6) 


The formaldehyde thus formed may undoubtedly combine with 
either methyl hydroperoxide or hydrogen peroxide to form 
hydroxy peroxides of the type isolated by Mondain-Monval and 
Quanquin, and Milas and Thomson. That these peroxides may 
decompose to yield the products indicated in equations 7 and 8 


HjCOOH + Hi CO H,COOCH s OH 


CHjOH + HCOOH 
CH 2 0 + HCOOH + H, 


(7) 


TT p/~\ 

HjCO + HOOH -* HjCOOH ■ -> H,C—0—0—CH, -> 2 HCOOH + H> (8) 

I I I 

OH OH OH 


has been shown by Rieche (50), and by Wieland and Wingler 
(236). Although this mechanism may seem more complicated 
than the one resulting from the hydroxylation theory, it is more 
plausible than the latter. Per-acids are also likely to form by the 
direct auto-oxidation of the aldehydes, and these may lead further 
to per-esters and per-acetals. With higher hydrocarbons than 
methane the mechanism of the oxidation is essentially the same 
except that the free radicals formed by the splitting off of C-C 
bonds should also be considered. 
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An additional reaction which may occur when the oxidation 
is carried out under high pressure is the reduction of formalde¬ 
hyde by the free hydrogen to methyl alcohol. To determine 
whether formaldehyde is actually reduced by hydrogen, under 
pressure, to give methyl alcohol, we carried out the following 
experiments. 22 

These experiments indicate clearly that formaldehyde is 
reduced by hydrogen under pressure to form methyl alcohol. 
We feel, therefore, that the experiment described by Bone (229) 
is insufficient evidence to prove that methyl alcohol is the initial 
product formed in the oxidation of methane under pressure. 

2. Auto-oxidation of unsaturated hydrocarbons. During the 
past few years much emphasis has been centered on the slow 


TABLE 7 

Reduction of formaldehyde under pressure at 360 0 


EXPERIMENT 1 

EXPERIMENT 2 

“Enduro” bomb 800 cc. 
Paraformaldehyde 55 g 

Hydrogen to make up pressure of 2800 
lbs. at 360° 

Running time 4 hours 

Chief products: 

(1) 54 2 liters of gas (CO*, CO, H 2 ) 

(2) 17 cc liquid (60 per cent CH 3 OH) 

Steel bomb 1679 cc. 

Paraformaldehyde 48 3 g. 

Hydrogen to make up pressure of 1390 
lbs at 360° 

Running time 6 hours 

Chief products: 

(1) 60 liters of gas (CO 2 , CO, H 2 ) 

(2) 31 cc liquid (69 per cent CH 3 OH) 


oxidation of simple hydrocarbons such as acetylene and ethylene. 
Kistiakowsky and Lenher (246) studied the acetylene-oxygen 
reaction at temperatures between 250° and 315° and found it to 
be a homogeneous reaction of the chain type exhibiting an induc¬ 
tion period and almost entirely suppressed in glass-packed ves¬ 
sels. The products isolated consisted of glyoxal, formaldehyde, 
and oxides of carbon, together with small quantities of hydrogen. 
To explain the formation of glyoxal, the authors assumed a 
three-body collision between two molecules of acetylene and one 

** We are greatly indebted to Professor E. W. Brugmann and his associates 
of the Research Laboratory of Applied Chemistry for carrying out for us the high 
pressure experiments. 
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of oxygen. The reaction seems to proceed in a step-wise se¬ 
quence somewhat analogous to that proposed by Bone and 
Andrew (247). A fairly plausible explanation of the oxidation 
mechanism of acetylene has been put forward recently by Boden- 
stein (248), who formulated the several reactions as follows: 

HCEECH -+ HC=CH (1) 

HC—CH + Oi ?=♦ HC=CH (2) 

II II 

O—0 

HC—CH + HC^CH -*• HC—CH + HC—CH (3) 

II I I II II 

0—0 o o 

0—0 

I I 

HO=CH + 0 2 -> HC CH —> HCOOH + C0 2 (4) 

II II II 

0—0 o o 

HC—CH -> HC—CH -> HCHO + CO (5) 

I I II II 

0—0 O 0 

Equations 4 and 5 have been slightly modified to account more 
clearly for the products formed. These reactions can also be 
explained by the general scheme given in section II. The re¬ 
versibility of equation 2, for example, is more probable in the 
dative peroxide stage than in the more stable moloxide stage. 
The formation of performic acid and its possible interaction with 
the unsaturated bonds to form monoxides should not be over¬ 
looked. 

More recently Lenher (249) found that the auto-oxidation 
of acetylene in the presence of nitrogen oxides proceeds between 
170° and 250°, the main product of the reaction being the trimeric 
glyoxal. 

The slow combustion of ethylene has also been found to be a 
chain reaction by Thompson and Hinshelwood (250, 96). The 
authors suggested that the initial stage consists in the formation 
of an unstable peroxide, which collides with other ethylene mole- 
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cules to form unstable hydroxylated substances. Recently 
Lenher (251) investigated this reaction at somewhat lower tem¬ 
peratures (300-525°) and was able to isolate, in addition to the 
usual products found, ethylene oxide and dihydroxymethyl 
peroxide, HOCH 2 OOCH s OH. The principal primary products 
have been assumed to be ethylene oxide and formaldehyde, while 
dihydroxymethyl peroxide, acetaldehyde, formic acid, oxides of 
carbon, hydrogen, and steam are secondary reaction products. 
We are of the opinion, however, that both formaldehyde and 
ethylene oxide are also secondary reaction products, the former 
resulting from the decomposition of the primary ethylene molox- 
ide, and the latter from the interaction of form-peracid with 
ethylene. 

Several other investigations have been published recently on 
the auto-oxidation of higher unsaturated hydrocarbons, includ¬ 
ing the amylenes (252, 75), cyclohexene (253), cyclohexadienes 
(254), and benzene (255). 

3. Auto-oxidation of “drying” oils. Owing to the importance 
of auto-oxidation in connection with drying oils, considerable 
work has been done recently in an attempt to elucidate its 
mechanism. An excellent r6sum6 of the field is to be found in 
the recent publication of Eibner (154). The criteria of auto¬ 
oxidation set forth in section IV of this review are applicable to 
the drying process of unsaturated oils. 

It has long been recognized that organic peroxides, presumably 
of the moloxide type, are formed during the initial stages of the 
oxidation of oil films, but to produce a stable film, a further change 
of the peroxide is invariably necessary. Accordingly, the sug¬ 
gestion was made by Fahrion (256) and others (257) that inter¬ 
action between the moloxides so formed and the unoxidized oil 
results in monoxides which may further polymerize, probably in 
accordance with the scheme proposed by Staudinger (166a). 
The alternative suggestion, that this reaction results in the pro¬ 
duction of 1, 4-dioxane ring systems, has been made by Marcus- 
son (258) and by Eibner and Munzert (259). That these views 
are untenable is shown by the properties of the oil film (167 b), and 
particularly by the total oxygen absorbed, which corresponds to 
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two atoms of the latter per ethylene linkage (260). It is not at 
all surprising, however, to find present in the oil film small a- 
mounts of monoxides or their rearranged products, resulting from 
the interaction of per-acids with the unoxidized oil. The forma¬ 
tion of per-acids may be easily accounted for by the direct 
oxidation of the aldehydes which are formed by the decomposition 
of moloxides. Both aldehydes and several other volatile prod¬ 
ucts consisting of fatty acids, mono and dibasic alcohols with 
3, 4, and 6 carbon atoms, hydrogen peroxide (261), and, presum¬ 
ably, organic peroxides (262) have been detected by various 
investigators in oxidizing oil. 

Another view consisting in the rearrangement of the moloxide 
into a substance containing keto-hydroxv groups has been sug¬ 
gested by Ellis (263). This may be formulated as follows: 

I III 

HC HC—0 C—OH HC—OH 

!l + o 2 -> | | -+1| <=* | 

HC HC—O C—OH C=0 

I III 

The view of Ellis finds ample support in the important experi¬ 
mental contributions of Morrell and Marks (167). From the auto¬ 
oxidation of /3-eleostearic acid, these authors succeeded in isolating 
an oxidation product containing one peroxide (moloxide) group, 
one hydroxyl group, one carbonyl group, and one double bond. 
The action of methyl alcohol in the presence of gaseous hydrogen 
chloride on the oxidized glyceride yielded a keto-hydroxy perox¬ 
ide ester and a keto-methoxy peroxide ester. The chemical 
transformations involved may be summarized as follows: 

H H H H H H 

II II II 

(... —C=C—C=C—C=C—... ),C,H t +6 0,-> (1) 

H H H H H H 

I I I II I 

(...—C—C—C-C—C—C—...),C,H6 -+ (2) 


0—0 


0—0 
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H H H H 

I I II 

(...—C—C—C=C—C=C—(3) 

II II 

O—O HO OH 

•IT 

H H H H H 

I I I I I 

(...—C—C—C=C—C—C— ...),C,H, (4) 

II II I 

0—0 0 OH 

There seems to be some evidence to show that methylation of 
(3) yields different methyl esters than those produced by the 
methylation of (4). The two moloxide groups in (2) differ in 
chemical properties from one another. The moloxide remote 
from the glyceride group is of “basic” character stable in the 
presence of acids, but unstable towards alkalis, which cause it to 
split into two aldehyde groups. The near moloxide, on the other 
hand, is decidedly “acidic,” showing keto-enol tautomerism and 
forming colored salts. The yellowing of drying oils, according 
to these investigators, is due to rancidity consequent on the dis¬ 
ruption of the remote moloxide and the formation of keto-enol 
groups in the near moloxide. Elm (167b), however, finds no 
experimental support of this view, and concludes that yellowing 
results from the hydrolysis of the moloxides with subsequent 
rearrangement of the monoxides formed and polymerization of 
the final keto-product. That yellowing mighty be due to the 
polymerisation of the aldehydes formed should also be con¬ 
sidered, since the latter are known to turn yellow on 6low oxida¬ 
tion and polymerization. 

In spite of all the work that has been done in this field recently, 
the mechanism of the auto-oxidation of unsaturated oils is, in our 
opinion, still relatively obscure, owing to the complexity of the 
oxidation products and the uncertainty of their structure. 

4-. The auto-oxidation of aldehydes. Reference has already 
been made to the influence of structure on the auto-oxidation of 
various aldehydes, but nothing was said regarding the mechanism 
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of this oxidation. Benzaldehyde has become the subject of 
numerous investigations ever since the classical observation of 
Wohler and Liebig (264) revealed the rapid formation of benzoic 
acid, especially in the presence of light, when oxygen was allowed 
to come in contact with it. Bach (265) was, presumably, the 
first to propose the formation of an intermediate peroxide con¬ 
sisting of one molecule of oxygen added on to the carbonyl double 
bond, while Bodlander (266) and Baeyer and Villiger (10) as¬ 
sumed benzoperacid to be the primary product of the oxidation 
of benzaldehyde. Engler and Steinkopf (267) made the signifi¬ 
cant observation that indigo is decolorized much faster by a 
mixture of benzaldehyde and oxygen than by benzoperacid, and 
arrived at the conclusion that benzoperacid is not the primary 
product but probably the peroxide proposed by Bach. Similar 
conclusions have been drawn recently by Jorissen and van der 
Beek (268), who observed that benzoperacid failed to oxidize 
carbon tetrachloride to phosgene, in spite of the fact that the 
latter was formed during the auto-oxidation of benzaldehyde in 
the presence of carbon tetrachloride. That benzoperacid is 
formed from the oxidation of benzaldehyde has been conclusively 
shown by these authors (152), who are of the opinion that it is 
not the primary product. 

Both in the liquid (26) and in the vapor (269) phase the 
mechanism of the auto-oxidation of benzaldehyde has been shown 
to be of the chain type. It is quite reasonable, therefore, to 
assume that both indigo blue and carbon tetrachloride could be 
activated during the initial stages of the oxidation of benzalde¬ 
hyde and be more easily oxidized either by the active dative 
peroxide or by the benzoperacid. Accordingly, the auto-oxida¬ 
tion of benzaldehyde may be formulated as follows: 


H 

C.H..-CO: +0:6: 


H 


H 


C,H 6 C 


O: 


C 6 H 6 C—O 


O: 

6 : 


O 

/ 

C e H 5 C—OOH 


( 1 ) 


0—0 
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CeHsCOOH + O (2a) 

0 

/ 

C,H S C—OOH 


2 C,H 6 COOH (2b) 

That benzoperacid decomposes, on heating, in accordance with 
(2a) has been shown by Erlenmeyer (270). At low temperatures 
and in the presence of benz aldehyde, reaction 2b occurs probably 
through the intermediate formation of a per-ester. 

The oxidation of formaldehyde (269) and acetaldehyde (133, 
248) has also been shown to be of the chain type. Furthermore, 
in the case of acetaldehyde Bodenstein found that the course of 
the main reaction could be expressed mathematically as follows: 

dlP1 » K lA1 ’ 

At " ‘ 10,] + 150 

in which P denotes the concentration of peracetic acid and A that 
of acetaldehyde. 

In connection with the auto-oxidation of (rans-a-amylcinnamic 
aldehyde Bogert and Davidson (271) recently made the very 
interesting observation that in the course of the reaction the 
(rans-aldehyde is simultaneously oxidized and transmuted to the 
cis- a-amylcinnamic acid. 

C.H,—CH ——C,H 6 —CH C.H s COOH + AmCOOH + CO, 

II II 

AmCCHO HOOCCAm 

The inversion is accomplished, according to the authors, by the 
absorption of energy liberated during the initial stages of the 
oxidation. 

5. The auto-oxidation of ethers. The auto-oxidation of ethers 
has been the subject of several recent investigations (272, 236, 
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273, 20a). Perhaps the mechanism of this oxidation may be best 
interpreted on the basis of the oxonium peroxide theory (20a), 
which assumes the initial addition of the oxygen molecule onto 
the ether oxygen, and the subsequent rearrangement and decom¬ 
position of the dative peroxide, as follows: 


H H 


0 


H H 


R—C:0 

:0 


C—R—I 

I 

H 


R—COOOC—R -+ 2 R—CH + H a O 

iJi; 


HOH 


L ~H 

H H HO 

I 

R—COH + R—COOOH -+ R—C—OH + R—CH + H 2 0, 

y 


H 


H- 


H 


The presence of a-hydroxy alkyl peroxides and hydroperoxides 
in the oxidation products of ethers is easily accounted for by the 
interaction of the hydrogen peroxide formed with the aldehydes 
in the ratio of 1:2 or 1:1. Per-acids and per-esters are also formed 
as a result of the further oxidation of the aldehydes, although the 
formation of the latter has not been generally accepted (274). 
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One of the basic demands of organic structural chemistry is that 
there be a clear and precise relationship between the constitu¬ 
tional formula of a substance and its chemical and physical 
behavior. Butlerow, one of the most distinguished champions of 
this principle, expressed it as follows: “Two molecules of the 
same empirical composition must be identical when the chemical 
relationship of each single constituent atom toward other ele¬ 
ments is the same.’' Countless cases of isomerism, especially 
that of the lactic acids, which was thoroughly investigated by 
Wislicenus, seemed to contradict this principle, and were the 
direct occasion for the conception of stereochemistry. It was the 
happy idea of van’t Hoff and LeBel to assign tetrahedral sym¬ 
metry to the valences of the carbon atom which, together w 7 ith a 
few surprisingly simple auxiliary hypotheses, made the develop¬ 
ment of a complete system of structural chemistry possible. 

From the very beginning stereochemistry developed beyond its 
original problem, namely, the explanation and prediction of 
isomerism. The conception of structural formulas in three- 
dimensional space immediately affected the entire system of 
organic reactions. The space structure of molecules furnished 
an explanation for the facility or difficulty of reactions observed 
in cases of condensation, splitting-off, ring-closure, and the phe¬ 
nomena of steric hindrance. The still unexplained phenomenon 
of the Walden inversion led directly to research on substitution 
problems. From the stereochemistry of carbon there gradually 
developed a stereochemistry of other elements. Passing beyond 

1 Translated from the German by the Editor 
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their original sphere in organic chemistry, the concepts of stereo¬ 
chemistry showed their validity in the entire chemical realm. 
Werner’s system of inorganic complex compounds reached its 
climax in the splitting of complex salts into optical isomers. 

The methods of stereochemistry provided a subtle means of 
penetrating into the structure of molecules. On the other hand, 
the splendid development of atomic physics in the present cen¬ 
tury has led to new and quite independent statements in regard 
to the structure of molecules. Thus today stereochemistry finds 
it necessary to take into account the results of research in physics, 
and thereby has again entered a new phase of its development. 
For the older stereochemistry it w r as sufficient to describe ap¬ 
proximately the symmetry characteristics of the molecules 
and their chemical consequences. But modern atomic physics 
gives us, in principle at least, the means for determining the 
absolute dimensions of molecules, the atomic coordinates, and 
the gradation of valence forces. As a result, the demands which 
we must make of a molecular model today are incomparably 
more severe than in any former epoch. 

Even this hasty sketch shows sufficiently the multiple anchor¬ 
ing of stereochemistry, not only in the science of chemistry, 
but in physics as well. Even if we confine ourselves to recent 
times, it is not possible to give a survey of the entire subject of 
stereochemistry in the narrow confines of a single essay. The 
discussion will therefore be restricted to the consideration of 
several interesting questions, the solution of which might be 
expected to result in important advances in stereochemistry as a 
whole. 


I. OPTICALLY ACTIVE DERIVATIVES OF DIPHENYL 

One of the most valuable advances in stereochemistry was the 
discovery by Christie and Kenner of the optically active deriva¬ 
tives of diphenyl. As is so often the case, erroneous observations 
gave the final impetus to this discovery. In 1907 Kaufler (1) 
had concluded from the presumption of a ring-closure reaction in 
benzidine that this substance had a structural formula containing 
two parallel benzene rings (formula I). If this configuration 
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were also attributed to diphenyl, then we should expect cis and 
trans forms to result from certain substitutions (formulas II and 
III). 


a a 


<Z>™ 

<3 

b 

0 

b 

d> NH ’ 

a 

0 

b 

b 

0 

a 

I 

II 

III 

In certain cases these were, 

in fact, 

found ( 2 ). Inspection of 


the formulas shows furthermore that the trans form (III) has no 
plane of symmetry and therefore must be resolvable into optical 
isomers (3). In 1921 Kenner and Stubbings (4) prepared synthet¬ 
ically a 6 , 6 '-dinitrodiphenic acid ( 7 -acid) which appeared to be 
a stereoisomer of the already known 6 , 6 '-dinitrodiphenic acid 
(/3-acid). Since the 7 -acid, unlike the /3-isomer, forms a dilactam 
(formula V) on reduction, formula IV was considered the correct 
representation of its constitution. 



Assuming Kaufler’s diphenyl formula, the 7 -acid must be re¬ 
solvable into optical isomers. In fact, this proved to be possible 
not only with the 7 -dinitro acid but also with the 4, 6 , 4/ 6 '-tetra- 
nitrodiphenic acid (5). This seemed at first to form a strong 
support for Kaufler’s assumption. Nevertheless a few years 
later the work of LeF&vre and Turner ( 6 ) showed that the 
diphenyl derivatives which were regarded as cis-trans isomers are in 
reality structural isomers, and that ring-closure cannot be ac¬ 
complished between the amino groups of benzidine. Neither is 
there any such isomerism in the esse of the dinitrodiphenic acids. 
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The /3-acid proved on investigation by Christie, Holderness, and 
Kenner (7) to be 4, 6'-dinitrodiphenic acid and was also resolvable 
into optical isomers. On the basis of these facts there is only 
one possibility of explaining the occurrence of optical activity. 
We must assume that the free rotation of the two phenyl groups 
about their connecting axis is prevented by substitution in the 
ortho position and that as a result the planes of the rings, while 
they possess a common axis, nevertheless form an angle with each 
other. 

As is shown by formula VI in the case of 6, 6'-dinitrodiphenic 
acid, 2 such a molecule does not possess any plane or center of 
symmetry 



COOH COOH 
VI 


and must therefore be resolvable into optical isomers. In this 
manner these unique cases of isomerism were included in the 
concept of steric hindrance and were thus deprived of their ex¬ 
ceptional character. Proof that this explanation is correct is 
furnished by tables 1 and 2, in which are listed all the diphenyl 
derivatives and their analogs which have been studied with a 
view to resolution into optical isomers. The minimum require¬ 
ment for isomerism appears to be substitution in the 2, 6, and 
2' positions. Hence at least three of the four ortho positions must 
be occupied. 

There has been active discussion concerning the immediate 
causes of steric hindrance in these diphenyl derivatives. In 
opposition to the majority of workers (34) in this field, Turner 
(35) has defended the opinion that this is not a case of purely 
“mechanical” hindrance, determined only by the volume of the 
substituent groups, but that an “inherent property” of the parent 
hydrocarbon is involved and that a dominant r61e is played by 
the residual affinities in the sense of Thiele’s theory. Apart 

2 The left-hand ring lies in the plane of the paper; the right-hand one is per¬ 
pendicular to it and is bisected by the plane of the paper. 
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TABLE 1 


Optically resolved diphenyl derivatives 


substance 


6-Nitrodiphenic acid 


4,6'-Dmitrodiphcnic acid 



<3- <?~ 

COOII COOH 


N0 2 


BBFBR- 
EN< E 


10 


4,(>,4'-Trinitrodiphenie 

acid 


2-Methyl-6-mtrodiphenyl- 
2 / -earboxyhc acid 


2,4-Dinitro-2 r -mcthyldi- 
phenyl-6-carboxylic acid 


* 2, 4, 2', 4', 6'-Pentanitro- 
diphcnyl -3 '-carboxylic 
acid 


* 6,6'-Di~utrodiphenie- 
acid 


6, 6'-Dichlorodiphenic acid 


NO, 




13 


41 


17 


40 


9 


11 
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TABLE 1 —Continued 


SUBSTANCE 


REFER¬ 

ENCE 


6,6'-Dimethoxydiphenic 

acid 


4,6,6 '-T rini trodiphenic 
acid 


*4,6,4',6'-Tetranitrodi~ 
phenic acid 


6,6'-Dichloro-2,2'-dini- 
trodiphenyl~4,4'-dioar- 
boxylic acid 


2,2'-Difluoro-6,6'-diam- 
ino-3,5,3',5'-tetra- 
methyldiphenyl 


* 6, 6'-Diamino-2, 2'-ditolyl 


* 3, 3'-Diamino-2, 4, 6, 2', 
4 , ,6 / -hcxampthyldiphenyl 


* 2, 4, 6, 2', 4', G'-Hcxani- 
trodiphenyl-3,3'-dicar- 
boxylic acid 



N0 2 no 2 



NO> N0 2 



12 


14 


9 


15 


42 


16 


18 


39 
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TABLE 1 —Concluded 


SUBSTANCE 


REFER¬ 

ENCE 


* 3,5-Dinitro-2-a-naph- 
thylbenzoic acid 


43 



* 2,2 ; -Diamino-l l l'-di- 
naphthyl 


* 1, L-Dinaphthyl-2, 2'-di- 
carboxylic acid 


1 , l'-Dinaphthyl-S, 8'-di- 

carboxylic acid 


* 2,2'-Dihydroxy-l,l'-di- 
naphthyl-3, 3'-dicarbox- 
ylic acid 


* 1 , l'-Dianthraquinonyl- 
2, 2 , -dicarboxylic acid 



19 


20 


44 


21 


22 


from the fact that we cannot realize the meaning of these in¬ 
definite ideas, we should expect, if Turner were right, depen¬ 
dence of the effect upon the “polarity,” or the substitution 
type, of the substituents. As is shown by table 1, this is not the 
case. Resolution into isomers was revealed in every possible 
combination of meta directing and of ortho-para directing sub¬ 
stituents in the four ortho positions (15, 18). Although this 
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specific hypothesis of Turner may thus be questioned, the assump¬ 
tion of a purely mechanical effect is also inadequate. Actually 
we are dealing with an electrostatic influence between the ap¬ 
proaching electron orbits of the substituents (36). 

If the interpretation of these phenomena as steric hindrance is 
correct, it should not be limited to the derivatives of diphenyl, but 


TABLE 2 

Compounds which are not resolvable 


COMPOUND 

REFERENCE 

o-Nitrobenzoic acid 

16 

5-Nitro- and 8-nitro-l-naphthoie acids 

16 

Diphenyl-2-car boxylic acid 

25 

Diphenic acid 

8,23 

4-Nitrodiphcnic acid 

8 

4, 4'-Dinitrodiphenic acid 

24 

5, 5'-Dichlorodiphenyl-3, 3'-dicarboxylic acid 

26 

4, 6-Dinitrodiphenyl-2-carboxylic acid 

27 

4, 6-Dinitro-3'-methyldiphenyl-2-carboxylic acid 

27 

Diphenyl-2, 2'-disulfonic acid 

28 

Benzidine-2, 2'-disulfomc acid 

23 

1, l'-Di amino-2, 2'-dinaphthyl 

29 

1, r-Dianthraquinonyl-4, 4'-dicarboxylic acid 

30 

ar-Stilbenecarboxylic acids 

31 

6-Nitro-2-carboxybenzoic acid isopropyl ester 

32 

6-Nitro-2'-hydroxy-4'-methylbenzophenone-2-carboxvlic acid 

32 

3-Bromo-4'-amino-2, 4, 6-trimethylbenzophenone 

32 

3-Bromo-3', 5'-diamino-2, 4, 6-trimethylbenzophenone . 

32 

6-Hydroxy-2-methylbenzoic acid 

33 

2, 5-Dinitro-a, 3, 4, 6-tetramethylcinaaraic acid . . ' 

32 

4-Ammo-2-isobutenylmesitylene 

32 

2, 4, 6-Tribromo-3-amino-a-methylcinnamic acid 

32 


should be encountered with other compounds of the appropriate 
structure. Actually, not only has a series of analogous derivatives 
of 1, 1'-dinaphthyl and of 1, T-dianthraquinonyl been resolved, 
as is shown in table 1, but Mills (37) has succeeded in demonstrat¬ 
ing similar hindrance effects in the 1, 8-disubstituted derivatives 
of naphthalene and quinoline. The constitution of these com¬ 
pounds is represented in formulas VII and VIII. 
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VII VIII 


Several derivatives of iV-phenylpyrrole and of N, iV'-dipyrryl 
have been resolved by Adams and his coworkers (46, 47), but 
similar attempts with derivatives of 2-phenylpyridine and 
3-phenylpyridine have to date failed (48). Adams (32) has 
also attempted unsuccessfully to resolve into optical components 
several compounds of the following types: 


X _X 

<( )>- CO—R <( 'y —CO—R 

y y x 



The difficulties of optical resolution, which may become im¬ 
possible with high velocities of raeemization, are avoided by 
turning to the derivatives of terphenyl. It is evident that a com¬ 
pound of the type 

B C A B C A B 

o-o-o o-o-o 

A C B AC 

a b 


must exist in a meso form (a) and a racemic form (b) if free 
rotation is excluded. In fact, Browning and Adams (49) have 
found two stereoisomeric forms of 3,6-dibromo-2,5-di-m-xylylhy- 
droquinone. 



OH Br 
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A number of analogous cases have been described by Adams and 
his coworkers (50). 

The reason for the reported isomerism is therefore unquestion¬ 
ably determined and the data already available are ample. It 
would now be of great interest to ascertain the stability of the 
optical isomers that have been isolated. Presumably every 
degree of racemization velocity will be encountered, correspond- 

TABLE 3 


Overlapping of ortho substituents in diphenyl derivatives 


GROUPS IN 

POSITION 

SUM OF INTERNUCLEAR 
DISTANCES OF 2 , 2 ' 
GROUPS IN A 

INTERFERENCE OYER 

2 90 A VERTICAL DIS- 
TANCE BETWEEN 2 , 2 ' 
CARBON ATOMS 

2 , 2 ' | 

6 , 6 ' 


r CH 3 

CH, 

3 46 

0 56 


CH* 

nh 2 

3 29 

0 39 


COOH 

Cl 

3 45 

0 55 


COOH 

CH 

3 46 

0 56 

A < 

COOH 

CO 

4 01 

1 11 

A 

OH 

CH 

3 44 

0 54 


COOH 

no 2 

3 48 

0 58 


no 2 

no 2 

3 84 

0 94 


F 

nh 2 

2 95 

0 05 


COOH 

F 

2 95 

0 05 


F 

Cl 

3 28 

0 38 


F 

F 

2 78 

-0 12 


F 

OH 

2 93 

0 03 

B i 

F 

CO 

3 91 

1 01 


OH 

OH 

3 08 

0 18 


OH 

nh 2 

3 1 

0 20 


COOH 

COOH 

3 12 

0 22 


COOH 

H 

2 5 

-0 4 


ing to the steric hindrance effects which the substituents exert 
upon each other. 

Stanley and Adams (38) have attempted to estimate the volume 
occupied by the substituents in several diphenyl derivatives by 
utilizing the apparent atomic diameters measured by means of 
x-rays. They assume a value of 2.90 A. for the distance between 
the 2 and the 2' positions in unsubstituted diphenyl. Table 3 
gives the results of their calculations. The members of the 
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diphenic acid series which have been optically resolved are listed 
in section A of the table. Obviously the overlapping is in every 
case considerable. Section B of the table shows further that 
with these combinations every grade of stability is to be ex¬ 
pected. Clearly the numerical relationships can be regarded 
merely as rough qualitative approximations. The available 
x-ray data are neither plentiful nor consistent; also, the applica¬ 
tion of these figures to the liquid state is not directly self-evident. 

The quantitative data now available on the racemization 
velocity of such diphenyl compounds are not very abundant, 
but in view of the very uncertain methods of calculation in¬ 
volved the agreement between theory and experiment is not un¬ 
satisfactory. Evidence on this point has been furnished by R. 
Kuhn (45) and by Adams. The majority of the compounds that 
have been studied racemize with great difficulty or not at all. 
These compounds are marked with an asterisk in table 1. They 
are, in general, compounds in which all four ortho positions are 
occupied. On the other hand, as was to be expected, 4,6'-dini- 
trodiphenic acid is racemized with relative ease; its solution in 
2 N sodium carbonate is stable at room temperature, but it 
loses its activity on boiling, falling to half-value in 18 minutes. 
A heat of activation of 2b kg-cal. per mole is calculated from the 
unusually high temperature coefficient of 5.2 (between 70° and 
100°). Also easily racemized is 4, 6, 4'-trinitrodiphenic acid, the 
heat of activation being 22 kg-cal. per mole. 2,2 / -Difluoro-6, 
G'-diamino-3, 5, 3', 5'-tetramethyldiphenyl is racemized by merely 
boiling in alcohol. The naphthalene derivative described by 
Mills is racemized in a short time at room temperature; its heat of 
activation is 18.5 kg-cal. per mole. And 1,1'-dinaphthyl-8,8'- 
dicarboxylic acid is but slightly stable in its active form. 

Finally, the observations of R. Kuhn (19) on diamino- 
dinaphthyl (formula IX) are of interest. This compound shows 
no tendency whatever toward racemization. When heated it 
goes over into the optically inactive dibenzocarbazole (formula 
X). The inactivity of dibenzocarbazole was quite as expected 
on the basis of all present knowledge of the stereochemistry of 
aromatic ring systems. 
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IX X XI 


Its formation also shows that the breaking of the bond between 
carbon and nitrogen is more readily effected than is the racemiza- 
tion of diaminodinaphthyl. Furthermore, one would expect that 
when diaminodinaphthyl is hydrogenated the substituents in the 
ortho positions would have an opportunity to diverge somewhat 
from each other. In fact, an investigation using diacetyldiamino- 
dinaphthyl revealed inactive reaction products, though these 
were not studied further. Of very especial interest is the forma¬ 
tion of a highly active ring compound (formula XI) by the con¬ 
densation of diaminodinaphthyl with benzil, the activity of which 
is also lost through hydrogenation. 

The disappearance of optical activity in the formation of 
condensed ring systems has also been observed by Meisenheimer 
and Horing (16) in the following reaction sequence: 


NH 2 CH, NH 2 COOH NH—CO 



active active inactive 


II. THE STEREOISOMERIC jl)ECAHYDRONAPHTHALENES 

The underlying hypothesis of stereochemistry was expressed by 
its originators in somewhat different forms. Pasteur, on the basis 
of the organic chemistry of his day, considered dissymmetry of 
molecular structure as requisite for optical isomerism. LeBel’s 
conception is similar to that of Pasteur; he conservatively applied 
the formal principles of symmetry theory to the molecule postu¬ 
lated by structural chemistry. On the other hand, van’t Hoff 
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sought the cause of optical isomerism in the dissymmetry of one 
element of the molecule, and thus devised the conception of the 
asymmetric carbon atom. Later investigators, namely Aschan 
(51), F. M. Jaeger(52), and Mills (53), have rightly considered Pas¬ 
teur’s point of view as the more general and more serviceable. 
Their opinion was based on compounds of the type of spirane and of 
certain optically active complex salts, which had been discovered 
by that time, and which demand very artificial auxiliary con¬ 
structions if an asymmetric central atom, as conceived by 
van’t Hoff, is to be assumed. We have met an excellent example 
of this kind in the above case of the diphenic acids. Although the 
special concept of an asymmetric atom has not proved in the 
course of time to be especially fortunate, we must not forget that 
the tetrahedral carbon atom, considered simply as a model, was 
actually an extraordinary advance beyond the happy intuition of 
Pasteur, for it was this conception which made it possible to con¬ 
struct molecular models to which the criterion of molecular 
dissymmetry could profitably be applied. 

There is therefore even today notable interest in new experi¬ 
mental material for the verification of a tetrahedrally symmetrical 
carbon atom. As is well known, Baeyer (54) suggested in his 
strain theory the possibility of the deformation of the carbon 
tetrahedron and thence drew important conclusions which have 
received attention even very recently (55). One of the postu¬ 
lates of Baeyer’s strain theory was the planisymmetrical struc¬ 
ture of cyclohexane, for which there seemed to be overwhelming 
stereochemical evidence. Not until the fine work of Boeseken 
and his school on the configuration of the cyclic glycols (56) was 
there occasion to return to noil-planar models of cyclohexane 
(56a). The proof that it is possible to construct a strain-free 
model of cyclohexane from regular tetrahedrons had been pro¬ 
vided by Sachse (57) in 1890. Decisive arguments against the 
plane structure of hydroaromatic rings of six and more members 
were, however, first furnished by the surprising discoveries of W. 
Huckel in the decalin series and of Ruzicka on the higher-mem- 
bered carbon rings. 

The previous development of this work has been described by 
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Hiickel (58) himself, so that but few words are needed here. It 
was shown originally by Mohr (60) that two forms of decahydro- 
naphthalene can be constructed from tetrahedral models. One 
is the so-called trans form (figure I), which shows the symmetry 
of a cubic lattice (diamond), and the other is the cis form (figure 
2), which has hexagonal symmetry (Wurtzite lattice). Both 
forms seem to be stable and can be converted into one another 
only with some difficulty. We would therefore predict the 
existence of two decalins and would expect four racemic forms of a 
monosubstitution product, derived in pairs from the cis and the 
trans forms. These deductions were brilliantly confirmed by 
experiments. It turned out that the two known /3-decalols, with 




Fig 1. Trans Form op Decahydronaphthalene 
Fig. 2. Cis Form of Decahydronaphthalene 

melting points of 75° and 105°, which had been considered as 
cis-lrans isomers analogous to borneol and isoborneol, actually 
belong to two different steric series, for they may be oxidized to 
two different decalones, which can in turn be reduced to the 
original decalols. The decalols can be disintegrated by oxidation 
to a mixture of cyclohexanediacetic acid and cyclohexane-l-pro- 
pionic-2-carboxylic acid, whereupon the corresponding acids 
again appear in pairs of cis-trans isomers. The configuration of 
the <raws-cyclohexanediacetic acid was established by its resolution 
into optical isomers. Finally, the cis- and <rans-/9-decalones 
were synthesized from cis- and frans-cvclohexane-l-acetic-2- 
propionic acid. Further work identified the two missing /3-de¬ 
calols and the four possible /J-decalylamines were also prepared. 
The following diagram summarizes the relationships. 



trans-Decalol trans-DecaloDe *rans-Cyclohexane-l-acet 

m.p. 75° 2-propionic acid 

m.p. 116° 
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Investigation of the analogous ^-derivatives gave one im¬ 
portant result, namely, an easy transition from the cis to the 
trans series. Cis-a-decalone is converted to the trans form under 
the action of several reagents and even spontaneously on stand¬ 
ing or under distillation. Probably the enol form is an inter¬ 
mediate step. Similarly, the ris-a-decalol in the form of the 
sodium compound is converted to the trans form on heating. 
As to the rest, disintegration by oxidation gives a picture similar 
to that of the /3-series. 

In addition, the two parent hydrocarbons have been obtained, 
apparently in homogeneous condition. They may be prepared 
by reduction of the crystallized decalones by Clemmensen’s 
method or by the splitting of water from the decalols followed 
by hydrogenation of the resulting octalins. Finally, they have 
also been separated from technical decalin by fractional distil¬ 
lation. The hydrogenation of naphthalene in glacial acetic acid 
according to Willstatter gives exclusively the cis form, while 
hydrogenation by Sabatier’s method gives predominantly the 
trans form. The following table shows the marked differences 
in their physical constants. 



MELTING POINT 

BOILING 

POINT 

D? 

< 

HEAT 

OL-' COM¬ 
BUSTION 

m-Decalin . 

£rans-Decalin 

about —51° 
about —36° 

193° 

185° 

0^ 895 
0*869 

1 480 c 
1 469,, 

calories 

per 

gram 

10,858 

10,824 


The energy difference per molecule is 4.7 kg-cal. in the case of 
the decalins and 2.3 kg-cal. in the /3-decalones. It is well known, 
however, that heretofore it has seldom, if ever, been possible to 
prepare liquid organic substances in a sufficient degree of purity 
to utilize the possible accuracy of the combustion method (about 
0.02 per cent). It is therefore hardly possible to judge defi¬ 
nitely the significance of these figures. 

The facts which have been reported certainly show that the 
cyclohexane rings in decalin cannot lie in one plane. At the 
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very least this is true for trans- decalin, for it is impossible to 
construct a model of it out of two planar cyclohexane rings. It 
is therefore difficult to understand how Haworth (61) reaches the 
the conclusion that these phenomena of isomerism are compatible 
with the assumption of planar cyclohexane rings. The stereo¬ 
chemical deductions from Mohr’s models of decalin have been 
tested further by Rao (62) and have been entirely confirmed. 
Yet we can hardly follow Rao in regarding his researches as a 
support of Ingold’s well-known theory of “valency-deflexion.” 
This theory 3 has been convincingly refuted by Hiickel (55). 

The stereochemistry of the decalins presents another problem 
of considerable interest, namely, what happens when a double 
bond is introduced into the molecule. Assuming van’t Hoff’s 
model of a double bond with four valences in a single plane, it is 
possible, but not certain, that isomerism would be eliminated by 
flattening of the rings. In the model of trems-decalin the van’t 
Hoff double bond cannot be used at all. On the other hand, 
we do have reason to think that our conceptions of the space- 
structure of the double bond are in need of revision. Conse¬ 
quently, we have in this case a problem with two unknowns. 
W. Huckel (63) has attacked this problem too. The manipula¬ 
tion of these hydrocarbon mixtures is naturally one of consider¬ 
able difficulty, and hence no conclusive results have been ob¬ 
tained. One important result nevertheless seems certain,—the 
existence of a £rans-A 2 -octalin which on oxidation gives trans- 
cyclohexanediacetic acid, and of c/’s-A 1 +A 2 -octalin, the homo¬ 
geneity of which is not yet established, and which on oxidation 
gives cfs-cyclohexanediacetic acid and cis-cyclohexane-l-pro- 
pionic-2-carboxylic acid. Thus at least a part of this interesting 
problem seems to be solved. The constitution of A 910 -octalin 
(formula XII) is worthy of note and has been thoroughly in¬ 
vestigated (64). 

3 Compare also Ingold and Thorpe (J. Chem Soc 1928 , 1318); Desai (J. Chem. 
Soc. 1932 , 1047); Ives, Linstead, and Riley (J Chem. Soc. 1932 , 1093). Special 
interest in this connection should be given to the work of Qudrat-I-Khuda (J 
Indian Chem. Soc. 8 , 277 (1931); Chem Zentr 1932 , I, 221) who has found four 
isomers of 4-methylcyclohexane-l-carboxylic-l-acetic acid. This result, should 
it be confirmed, agrees only with a non-planar cyclohexane ring. 
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XII 


Two stereoisomeric ring systems have also been established 
in the series of perhydrogenated indenes (hydrindans). Hiickel 
and Friedrich (65), starting with cis- and trans-cyclohexane- 
diacetic acid, have prepared the corresponding 0-hydrindanones 
which in turn were converted by oxidation into cis- and trans- 
cyclohexane-l-acetic-2-carboxylic acids. One deduction from 
the structural considerations is in this case readily subject to 
experimental proof, namely, that the cfs-hydrindanone must give 
rise to two stereoisomeric as-hydrindanols on reduction, while the 
trans form can give only one such alcohol. This has been experi¬ 
mentally confirmed. 


/y 

h' 

H 

v\ 


CIIjCOOH 


CH, 


CH, 


CH, 


/ \ 

h' 

' 

h' 

H 

\ 

K 


\ 


co- 


, OH 

V + 

/ 

/ H 


CIS 


CH2COOH 

ch 2 

ch 2 

CH, 


cw-Hydrindanone 



ch 2 cooh 

ch 2 

ch 3 



\ OH 

v 

/\ 


/V 


\i 


co- 


\X V ... / 

CHjCOOH CH, 


\ /V \ H 

V - 
/ \ 

. / OH 

CH, 


/ 


trans 


trans- Hydrinda- 
none 


Although the structural model of bons-hydrindanone reveals a 
certain strain, yet the cis compound, judging by the heats of 
combustion, has the higher energy content. The energy differ¬ 
ence (with the limitations mentioned above) amounts to 2 kg-cal. 

This type of isomerism is not restricted to isocyclic compounds; 
heterocyclic substances show analogous phenomena. The cases 
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that have been most thoroughly investigated are those of de- 
cahydroisoquinoline (66), decahydroquinoline (67), and octa- 
hydroacridine (68). 

For the judgment of Baeyer’s strain theory, Ruzicka’s dis¬ 
covery of many-membered carbon rings and the proof of their 
considerable stability toward chemical influences is of great im¬ 
portance. On Baeyer’s assumption a seventeen-membered ring 
should be under about the same tension as a three-membered 
ring. Actually, however, cyclopentadecane and cyclohepta- 
decane resist the action of hydriodic acid and phosphorus at 
250°. Cycloheptadecanone can be passed over thorium oxide at 
400° without change except for a slight carbonization. The 
difficulty of preparing the rings containing a large number of 
carbon atoms is therefore not explained by their instability, 
although the latter is often assumed. 

According to Ruzicka’s hypothesis the tendency to ring forma¬ 
tion is determined by two factors which are independent of each 
other. The first (factor a) is the distance between the reacting 
terminal groups in the acyclic starting material; the second 
(factor b) is the tension in the ring system produced. The re¬ 
sultant (c) of both factors determines the yield. The probability 
that the reacting terminal groups will come into a position 
favorable to ring-closure decreases with the increase of the length 
of the chain. The ring tension reaches its minimum at five mem¬ 
bers and remains constant thereafter. The resulting yield-curve 
is shown diagrammatically in figure 3. 

The physical properties of these unique homologous series 
present an interesting picture. As figure 4 shows, the melting 
points of the ketones from cyclooctanone to eyclotriacontanone 
oscillate in a very peculiar manner. It can hardly be doubted, 
if only on the basis of their irregularity, that these oscillations are 
not comparable with those that occur, for instance, in the homol¬ 
ogous series of the aliphatic carboxylic acids. This is quite com¬ 
prehensible, since the addition of a CH 2 group to a zigzag chain 
has an entirely di£fe*@nt effect on the spatial structure from its 
entrance into a ring of moderate size. The density curve of the 
ketones and of the hydrocarbons is quite without analogy, for it 
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shows a definite maximum. This may be interpreted to me an 
(70) that as the number of members in the rings increases the 
plan of structure is altered. While the lower members have an 
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Fig. 3. Ease of Formation of Carbon-atom Rings 



Fig 4 . Melting Points of Ketones from Cyclooctanone to Cyclotrta- 


contanone 
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iproximately circular distribution of the carbon atoms, these 
;oms in the higher membered rings may group themselves in 
vo parallel chains connected at the end (figure 5). 4 The in- 
estigations of Katz (71) on the x-ray patterns of these substances 
l liquid form and on their spreading on a water surface are also 
iterpreted from this point of view. 

In recent years attempts have frequently been made to com¬ 
are the heats of combustion of polymethylene compounds with 
he predictions of Baeyer’s strain theory (55). It is more than 
oubtful whether the conclusions have even qualitative sig- 
ificance. The heats of combustion of cyclopropane as deter- 
nined by Thomsen and by Berthelot differ by almost 8 kg-cal. 
>er mole. In the opinion of thermochemists, Thomsen’s values 



Fig 5. Possible Arrangement of Carbon Atoms in Large Rings 

for gases are the more reliable, as has been shown again recently 
by von Wartenberg and Krause (72). But since the cyclo¬ 
propane used in both cases was presumably very impure (73), we 
must leave the question open. The author has recently shown 
that the methylcyclobutane which was used for combustion by 
Subow and which served as the basis of calculations for the four- 
membered ring, was incorrectly listed in the literature as a cyclo¬ 
butane derivative. It had been recognized by Rosanow and 
Filipow (74) as an impure cyclopentane. Consequently there is 
no reliable foundation for the three-membered and the four- 

4 The black spheres in figure 5 represent carbon atoms, the white spheres hy¬ 
drogen atoms. The size of the latter is exaggerated in order to give a correct 
picture of the effective space requirement of the methylene group. 


386 


FRIEDRICH RICHTER 


membered rings, the very cases where the predictions of Baeyer’s 
strain theory are the most definite. The heats of combustion of 
the polymethylenecarboxylic acids are better known. Apart 
from the fact that a comparison of some of their substitution 
products instead of the polymethylenes themselves is objection¬ 
able, there is the difficulty that the heats of sublimation must be 
known in order to recalculate to the gaseous condition. We 
cannot here have recourse to any schematic assumptions, as was 
shown by the studies of A. Wassermann (75) on the heats of 
combustion of fumaric and maleic acids. The clarification of 
these questions requires above all new experimental deter¬ 
minations. 

Verkade (76) rightly demands “a penetrating insight into the 
energy relationships and the stability relationships of a large 
number of successive members of the homologous series of the 
cycloparaffins and of the homologous series of their derivatives, 
including the rigid small rings as well as the large ones.” He 
has already published a lengthy series of measurements on hydro¬ 
aromatic glycols. We refrain from reproducing his data at this 
point in order not to anticipate his intended theoretical discus¬ 
sion. His very interesting data once more demonstrate that the 
heats of combustion of solid substances cannot be schematically 
compared. 

III. SOME OPTICALLY ACTIVE COMPOUNDS WITH INORGANIC GROUPS 

Several especial^ interesting cases of optical isomerism have 
recently been found among this type of compounds. They 
deserve special attention because previous structural formulas 
did not seem to permit such isomerism. 

Most notable is the discovery by H. Phillips (77) in 1925 of an 
optically active sulfinic acid ester. By treating active octanol-2 
with toluenesulfinyl chloride he obtained octyl p-toluenesulfinate, 
C7H 7 *S0*0-CH(CH 3 ) CflHi 3 , which was separated by fractional 
distillation at very low pressure into fractions of different rota¬ 
tions and which apparently represented a mixture of the two 
diastereoisomeric esters of active toluenesulfinic acid and the 
active octanol. Similarly the action of active octanol on ethyl 
p-toluenesulfinate gave an active ethyl p-toluenesulfinate. The 
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amination of these very unstable compounds is not simple, for 
iey are all uncrystallizable. The octyl esters showed decided 
utarotation effects, the cause of which has by no means been 
itablished. The surest evidence for the actual existence of 
ptically active sulfinic acid esters is the fact that it is possible to 
ridize the active ethyl ester quantitatively to the crystallizable, 
ptically inactive ethyl p-toluenesulfonate. 

On the basis of the structural model the activity of the sulfinic 
cid molecule may be interpreted in several ways. Phillips 
imself proceeds from the fact that according to the electron 
heory of valence the sulfinic esters contain an oxygen atom 
mited by a semipolar bond; he therefore writes their electronic 
ormulas as follows (formula I): 

R 

O.S. 

' + OC 2 H 6 

I II III 

This formulation has the advantage that it clearly reveals the 
formal analogy with the optically active sulfonium salts (formula 
II), as well as with the amine oxides (formula III) which can be 
formulated in the same manner. In each case the determining 
circumstance is the “positive charge” of the central atom. This 
charge is necessary, according to Phillips, because otherwise the 
tertiary amines of analogous structure should also be active. 
Nevertheless this argument does not seem to the author to be ab¬ 
solutely conclusive. The question of the possibility of resolving 
the tertiary amines into isomers has not yet been finally settled. 
It is probable that they are merely racemized with unusual ease, 
as is indicated by the relatively high instability of the isomers 
with C^N linkages. Such an instability also would seem to be 
required by the quantum theory for derivatives of trivalent 
nitrogen (78). We must therefore, for the present, be content 
with the conclusion that the presence of three groups attached to 
sulfur permits, on principle, the possibility of an asymmetric 
space-distribution. P. Goldfinger (79) has attempted to deduce 


R 2 |+ r 2 

Ri S: Rx.N.O: 

R3 R3 

J 



388 


FRIEDRICH RICHTER 


such a distribution on the basis of ionic radii, determined by- 
means of x-rays, and on the basis of the principle of the closest 
packing of spheres. Attention should also be directed to an 
interesting, though not convincing, attempt of F. M. Jaeger 
(80) to give an explanation. If we attribute to the sulfur atom 
the form of a rhombic bisphenoid on the basis of the crystal 
structure of rhombic sulfur (81), then the plane which contains 
the doubly bound oxygen atom makes an angle different from 
90° with the plane that contains the R and the OC 2 H 6 groups. 
The molecule is therefore asymmetric. 

The resolution of the sulfoxides and the sulfonylimines 
rests on the same assumption as the resolution of the sulfinic 
esters. Harrison, Kenyon, and Phillips (82) resolved m-carboxy- 
phenyl methyl sulfoxide, CH 3 SOC 6 H 4 COOH, and 4'-amino-4- 
methyldiphenylsulf oxide, NHjOiJKSOCb^CHs. The reso¬ 
lution of m-carboxyphenylmethylsulfine-p-tolucnesulfonylimine 
CH 3 S(C 6 H 4 C00H):NS0 2 C 7 H 7 was accomplished by Clarke, 
Kenyon, and Phillips (83). Both the optically active sulfoxides 
and the sulfonylimine are crystalline compounds and show a very 
distinct specific rotation. This gives additional strong support 
for the work of Phillips on the active sulfinic esters. 

For compounds containing several sulfoxide groups in the 
molecule, the theory predicts diastereoisomerism or cis-trans 
isomerism. Such cases have been studied by Bell and Bennett 
(84), and it is possible that the isomers of the sulfoxides of tri- 
thioformaldehyde can be explained in the same manner. 

A new type of optically active compounds is represented by 
the aci-nitro compounds, the first of which was resolved by R. 
Kuhn and Albrecht (85). From the classical formula (IV) it 
would not be expected that an optically active nitro compound 
would retain its activity on conversion to a salt. 


CH 3 O 

\ ,/ 

C=N 

/ \ 


c 2 h 6 oh 


ch 3 

\ 

C-N—OH 

/ \ / 

c 2 h 6 o 


IV 


V 
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his is, however, actually the case, as was shown with 2-nitro- 
utane by these authors. A solid sodium salt is obtained with a 
efinite, though weak, activity and the action of mineral acids 
pon it restores the partially racemized nitro compound. Fur- 
tiermore, the addition of bromine to the optically active alkaline 
olution gives an active bromonitrobutane. It was shown many 
ears ago by Hantzsch and Veit (86) that only the aci forms of 
dtro compounds react with bromine. Hence an active bromo- 
litro compound can arise only from an active aci compound. 
Recently the experiments of Kuhn and Albrecht have been 
•epeated by Shriner and Young (87), who used 2-nitrooctane and 
obtained the same results. 

Formula V, suggested by Hantzsch and Schultze (88), provides 
an explanation for the activity of aci compounds. This formula 
has been given little attention, however, because no compounds 
are known to which this structure could be attributed with cer¬ 
tainty and because a proof of the formula by chemical or physico¬ 
chemical means does not appear to be a very promising venture. 
Consequently attempts have been made to provide an explanation 
here, as in the case of the sulfinic esters, on the basis of the electron 
theory. It is in fact possible to construct a formula, based on the 
postulate of complete shells of eight electrons and on semipolar 
bonds, which shows the necessary asymmetry and also reveals the 
analogy with the active sulfonium compounds and the sulfinic 
esters. 


R. 6 • 

R 2 :C: N : o 


It is essential in this formula that carbon be the center of asym¬ 
metry, i.e., the same atom which determines the activity of 
nitrobutane itself. It would be very desirable to have experi¬ 
mental proof for this point of view, which for the present is purely 
hypothetical. The active nitro compounds and the active diazo 
compounds, which are tc> be discussed forthwith, are for the 
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present the only cases in which the carbon atom can produce 
activity when it is combined with three different groups and 
carries a charge. 

Optically active diazo compounds were reported ten years ago 
by Levene (89) and by W. A. Noyes (90). Recently Lindemann 
(91) has also worked with them. According to Chiles and Noyes 
optically active aliphatic amino acids are converted by diazotiza- 
tion into diazo compounds of weak activity. These results were 
confirmed with diazosuccinic ester by Lindemann and by the 
researches of Levene, which were distinguished by the use of 
large quantities of material. Nevertheless, none of these re¬ 
searches provides so striking a proof that one can be conclusively 
convinced of the existence of optically active diazo compounds. 
Kendall and Noyes (92) obtained a crystalline, optically active, 
diazo compound from methyl aminocamphonanate, and attrib¬ 
uted formula VI to it. It contains an asymmetric carbon atom. 
Ray (93) continued this investigation and believed that he ob¬ 
tained a diastereoisomer of this compound, to which he assigned 
formula VII. 


CH 3 

I 

ch 2 —c—cooh 

I 

C(CH 3 ) 2 

CH 2 —C:N:::N- 

VI 


CH 3 

I 

CH 2 —C—COOH 

I 

C(CH 3 ) 2 

I 

CH 2 —C: 

:N:::N 

VII 


Aside from the fact that these researches cannot as yet be 
regarded as conclusive from the experimental point of view, 
another theoretical difficulty exists in the case of the active diazo 
compounds. According to the parachor determinations of Linde¬ 
mann (94), the aliphatic diazo compounds in the majority of cases 
contain a three-membered ring (formula VIII), whereas only the 
chain formula (IX), containing semipolar bonds, can explain the 
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VIII 


\ - + 

N=N 

IX 


jcurrence of optical activity. Now it is not possible to avoid 
lis difficulty by assuming an equilibrium between the two forms, 
3 was originally done. For in that case the diazo compounds 
tiould be speedily racemized (95), or, what is even more probable, 
hey should not be obtainable at all in the active condition, 
’rogress is possible only through further investigations. The fact 
3 that neither is the existence of active diazo compounds estab- 
ished with certainty nor do we have a theoretical basis for the 
constitutional significance of the parachor which would permit 
is to draw reliable conclusions from parachor measurements. 6 


IV. THE PROBLEM OF THE WALDEN INVERSION AND RELATED 

QUESTIONS 

Since the time of Emil Fischer (96) the Walden inversion has 
been understood to mean the conversion of an optically active 
compound into its antipode, or opposite isomer, by means of 
substitution reactions but not by way of the racemate. The 
so-called “optical cycle” is characteristic of this type of inversion. 
The configurational changes which take place in the making and 
breaking of double bonds and of ring structures are essentially 
related to these inversions. It has therefore recently become 
customary to include them in the broader use of that term. 

One of the most important questions in this field of investiga¬ 
tion has been expressed by E. Fischer (97) in the following often- 
quoted words: “Since two different substitutions are always 
required for proof of a Walden inversion, there is a question as 
to which one is responsible for the change in configuration. It has 
heretofore in no case been possible to answer this question with 

5 Note added to proof As to diazosuccinic acid ester, Weissberger (Ber. 64 , 
2896 (1931); 66, 265 (1932)) has in the meantime proved that its activity is 
caused by impurities. At the same time Ray (J. Am. Chem Soc , 64 , 295 
(1932)), in one of his very interesting articles, has described a crystallized 
oxynaphthyl-phenyl diazomethane of considerable activity. These questions 
need further research. 
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present the only cases in which the carbon atom can produce 
activity when it is combined with three different groups and 
carries a charge. 

Optically active diazo compounds were reported ten years ago 
by Levene (89) and by W. A. Noyes (90). Recently Lindemann 
(91) has also worked with them. According to Chiles and Noyes 
optically active aliphatic amino acids are converted by diazotiza- 
tion into diazo compounds of weak activity. These results were 
confirmed with diazosuccinic ester by Lindemann and by the 
researches of Levene, which were distinguished by the use of 
large quantities of material. Nevertheless, none of these re¬ 
searches provides so striking a proof that one can be conclusively 
convinced of the existence of optically active diazo compounds. 
Kendall and Noyes (92) obtained a crystalline, optically active, 
diazo compound from methyl aminocamphonanate, and attrib¬ 
uted formula VI to it. It contains an asymmetric carbon atom. 
Ray (93) continued this investigation and believed that he ob¬ 
tained a diastereoisomer of this compound, to which he assigned 
formula VII. 
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Aside from the fact that these researches cannot as yet be 
regarded as conclusive from the experimental point of view, 
another theoretical difficulty exists in the case of the active diazo 
compounds. According to the parachor determinations of Linde¬ 
mann (94), the aliphatic diazo compounds in the majority of cases 
contain a three-membered ring (formula VIII), whereas only the 
chain formula (IX), containing semipolar bonds, can explain the 
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occurrence of optical activity. Now it is not possible to avoid 
this difficulty by assuming an equilibrium between the two forms, 
as was originally done. For in that case the diazo compounds 
should be speedily racemized (95), or, what is even more probable, 
they should not be obtainable at all in the active condition. 
Progress is possible only through further investigations. The fact 
is that neither is the existence of active diazo compounds estab¬ 
lished with certainty nor do we have a theoretical basis for the 
constitutional significance of the parachor which would permit 
us to draw reliable conclusions from parachor measurements. 6 

IV. THE PROBLEM OF THE WALDEN INVERSION AND RELATED 

QUESTIONS 

Since the time of Emil Fischer (96) the Walden inversion has 
been understood to mean the conversion of an optically active 
compound into its antipode, or opposite isomer, by means of 
substitution reactions but not by way of the racemate. The 
so-called “optical cycle” is characteristic of this type of inversion. 
The configurational changes which take place in the making and 
breaking of double bonds and of ring structures are essentially 
related to these inversions. It has therefore recently become 
customary to include them in the broader use of that term. 

One of the most important questions in this field of investiga¬ 
tion has been expressed by E. Fischer (97) in the following often- 
quoted words: “Since two different substitutions are always 
required for proof of a Walden inversion, there is a question as 
to which one is responsible for the change in configuration. It has 
heretofore in no case been possible to answer this question with 

6 Note added io proof. As to diazosuccinic acid ester, Weissberger (Ber 64 , 
2896 (1931); 66, 265 (1932)) has in the meantime proved that its activity is 
caused by impurities. At the same time Ray (J Am Chem. Soc , 64 , 295 
(1932)), in one of his very interesting articles, has described a crystallized 
oxynaphthyl-phenyl diazomethane of considerable activity. These questions 
need further research. 
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certainty.” Some progress, though not much, has been made 
in the twenty years since this was written. Among addition 
reactions there were even in Fischer’s time several cases in which 
the course seemed quite clear. “The conversion of fumaric and 
maleic acids into racemic acid or mesotartaric acid, respectively, 
seems to be quantitative and is recognized as a nice confirmation 
of the steric formula of fumaric and of maleic acid.” In 1911 
Holmberg (98) and McKenzie (99), almost simultaneously, suc¬ 
ceeded in determining the configuration of the dichloro- and 
dibromo-succinic acids by separating them into optical isomers. 
Thus the well-known conversion of fumaric acid into meso- 
dichloro- or mesodibromo-succinic acid was revealed as anomalous 
and as involving an inversion (100). Nevertheless this type of 
argument remains unsatisfying, for the formulas of maleic and 
fumaric acids cannot be conclusively determined by purely 
chemical methods. This recent conclusion of R. Kuhn and Ebel 
(101) still seems entirely justified, although parts of their argu¬ 
ment have rightly been questioned (102). 

Certain ring splittings in which the alteration of configuration 
occurs in a single step of the reaction are free from these objec¬ 
tions. A preliminary case was found by Holmberg (103), who 
demonstrated that the malic acid lactone obtained from levo- 
rotatory bromosuccinic acid gave predominantly d-malic acid in 
an alkaline medium, while in an acid medium /-malic acid was in 
excess. In one of the two cases an inversion must therefore have 
taken place. In 1919 Boeseken and van Loon (104) found that 
the cyclopentanediol-1, 2, which is formed by the hydrolysis of 
cyclopenteneoxide, can be separated into isomers by the use of 
Z-menthylisocyanate. It therefore has the trans configuration and 
must have been formed from the oxide by inversion. An anal¬ 
ogous /rans-splitting of a threc-mcmbered ring was also observed 
by Kuhn and Ebel: cfs-ethyleneoxide dicarboxylic acid is converted 
quantitatively into racemic acid by boiling with water. The 
configurations of the reactant and of the product are established 
optically by non-resolvability and resolvability, respectively. 
Here again is a definite case of a change of configuration in the 
course of a single reaction. 
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In spite of the deep theoretical interest in these reactions, they 
do not throw much light on the nature of the Walden inversion. 
The success of the methods used by these investigators depends 
upon the use of compounds containing two similar asymmetric 
carbon atoms. Actually, the mere fact of resolvability or non¬ 
resolvability gives sufficient evidence with regard to the con¬ 
figuration. But the range of such compounds is too small and 
the scope of the chemical reactions to which they can be subjected 
is too limited to permit any hope of thus penetrating deeply into 
the real problem of the Walden inversion, for this latter has been 
studied primarily only with compounds which contain only one 
asymmetric carbon atom. 

The most successful attempt to advance into this territory on a 
purely chemical basis was recently made by Phillips (105) and 
Kenyon (106). These investigators start with a fundamental 
principle of stereochemical research which was expressed with 
astonishing insight by A. von Baeyer (107) in 1888—i.e., seven 
years before the discovery of the Walden inversion—as follows: 
“The stability of the arrangement of the four atoms combined 
with a carbon atom, which permits the existence of geometric 
isomerism, is known to be destroyed by heating. The same is 
true in every chemical reaction which attacks the asymmetric 
carbon atom itself. The first of these two statements is not 
correct; the stability of the tetrahedral configuration toward 
thermal influences is very considerable (108). The second, on 
the other hand, has become a fundamental principle of modern 
stereochemistry. If one wishes to escape “the sword of Damocles 
of the Walden inversion” one must avoid substitution on the 
asymmetric carbon atom. Nevertheless whenever inversions 
have been observed, it has been possible to show in most cases 
that the asymmetric center had participated in the reaction. By 
this means E. Fischer (109) was enabled to construct the steric 
system of the sugars, and Freudenberg (110), using this principle, 
established the steric connection between tartaric acid, malic acid, 
isoserine, glyceric acid, and lactic acid. 

A reaction which in its net effect has been shown experi¬ 
mentally to‘avoid the Walden inversion is the esterification of 
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optically active alcohols. This has recently again been shown in 
specific experiments for this purpose by Verkade (111) and W. 
Hiickel (112). Pickard and Kenyon also always obtained the 
original alcohol in the saponification of a large number of esters. 
However, if the p-toluenesulfonic ester of methylbenzylcarbinol 
is prepared and is boiled in alcoholic solution with potassium 
acetate, an acetate is obtained which is the isomer of the one 
formed from the same carbinol by direct esterification. In the 
same way the treatment of the sulfonic ester with potassium 
carbonate and alcohol gives an ethyl ether which is the isomer of 
the ethyl ether that is obtained from the potassium compound 
of methylbenzylcarbinol and ethyl bromide. 


CACH S OH CACH 2 OSOjCA C.H s CH 2 H 

\/ \/ CAOH 1 \ / 
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Since the asymmetric carbon atom remains untouched in the 
formation of the toluenesulfonic ester of methylbenzylcarbinol, 
it has been concluded with some justification that the inversion 
does not take place until the toluenesulfonic residue is detached. 
If so, a Walden inversion would be established for the first time 
in a single reaction step of a compound containing only one asym¬ 
metric carbon atom. The certainty of this conclusion rests en¬ 
tirely on the interpretation of the mechanism of saponification, or 
of alcoholysis, of the toluenesulfonic ester. The reactions of 
the esters of toluenesulfonic acid were thoroughly studied by 
Ferns and Lapworth (113) and agree with the interpretations of 
Kenyon and Phillips. A more exact study of these reactions 
would be important from several points of view, for we are also 
not sufficiently informed concerning the mechanism of saponifica¬ 
tion of the carboxylic esters. Skrabal (114) has concluded, on 
the basis of comparisons of the velocity of hydrolysis of the 
esters and of the mixed acetals, that both bonds of the central 
oxygen atom in the group — C O CO — can be broken. But his 
arguments have been frequently questioned (115) because they 
are somewhat indirect and also rather schematic. In fact, 
according to his arguments, one should also expect cases of the 
Walden inversion in the hydrolysis of carboxylic esters; this, 
however, is not the case. Perhaps sulfur compounds would be 
suitable for investigations to this end. For instance, in reactions 
of the following types 

C.KUOCOCH, + KSH = CH,COSH + C«H 6 OK 

CnHoCOSCJIi, + KOH = CJiiSH + CeHsCOOK 

the point at which the bond is broken is obvious. It must be 
admitted that the analogy with the carboxylic esters is not rigor¬ 
ous because of the difference between the firmness with which 
sulfur and oxygen are bound. 

Because of their high reactivity the toluenesulfonic acid esters, 
and also the sulfinic acid esters, are especially suitable for the 
study of the Walden inversion. The ease with which they are 
exchanged for halogen is particularly advantageous. The fol- 
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lowing reactions, in which the symbol 2 — represents a Walden 
inversion, have been described by Houssa, Kenyon, and Phillips 
( 116 ). 

C 6 H,3 Cl CcHij H CoH.s OCOCH, 



Xx c // 


/ \ 

CHj H 

- 20 . 28 ° 

MG !, 
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We must admit, however, that the interpretation of the course 
of this reaction, as given in the following quotation, abandons a 
firm factual basis and relies on dubious analogy: “The assump¬ 
tion is made that since the alcohol (or ester) and the halide are 
produced under similar experimental conditions, by reactions of 
the same type, they have the same configuration. Apart from 
the unsaturated nature of the acetate ion, as opposed to the 
saturated nature of the chloride ion, there is no obvious reason 
why the reaction of the ester with lithium chloride should follow 
a different course from that which it follows with potassium 
acetate.” 

We may therefore record as the real success of this work that 
we have a new and interesting case of Walden inversion. Never¬ 
theless it does not contradict the opinion of most investigators 
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that a solution of the problem is not to be obtained by purely 
chemical methods. We therefore turn to the attempts which 
have been made to determine configuration by the aid of physical 
methods. 

Here we must first consider the opinions of R. Kuhn (117), 
who chose compounds with two asymmetric carbon atoms as 
suitable for his work. He describes his course of reasoning as 
follows: “The method consists in combining the compound of 
unknown configuration with a second asymmetric carbon atom 
in order to obtain two substances which are not mirror images and 
which differ in a number of other physical properties, and finally 
in removing the auxiliary asymmetric atom. This method is in a 
sense comparable with that used by L. Pasteur for the resolution 
of racemates with the help of other optically active compounds. 
The asymmetric carbon atom is best handled by means of its 
mates.” Kuhn then made the assumption that of the two 
racemic chloromalic acids, one would be found to lie between the 
racemic forms of tartaric acid and of dichlorosuccinic acid in its 
physical properties as a whole, while the other would form a series 
with the corresponding meso forms. It turned out, however, 
that in the large majority of cases the differences between the two 
chloromalic acids were so small that they could not be definitely 
arranged. Only in the case of the quotient of the dissociation 
constants, Ki/K< l} are there sufficient differences. On this basis 
Kuhn assigns the chloromalic acid with a melting point of 145° 
to the meso series (118). In table 4 these quotients are given 
for a number of racemic and meso forms of the succinic acid series. 
The chloromalic acids are arranged according to Kuhn's hypothesis. 
The configurations of the chlorobromosuccinic acids are not 
doubtful, as is shown by the melting points listed farther below. 

A more thorough confirmation of these not altogether convinc¬ 
ing conclusions would be of the greatest value, for the chloromalic 
acids occupy a key position among the substituted succinic acids. 
If their configuration were known, it could be directly determined 
which processes are normal and which proceed with inversion. 
On Kuhn's hypothesis the action of silver oxide on halogen com¬ 
pounds is normal, while inversion takes place with phosphorus 
pentachloride, thionyl chloride, and thionyl bromide. 


CHEMICAL, REVIEWS, VOL X, NO 3 



398 


FRIEDRICH RICHTER 


This work shows very plainly the great difficulties involved in 
methods based on the comparison of physical properties. It is 
therefore necessary to be very circumspect in the choice of 
methods of comparison. It would seem, for example, that the 
comparison of constants based on the solid condition is but rarely 
permissible, because these constants are not exclusively dependent 
on the space-structure of the molecule. We need only to examine 
the melting points of the halogenated succinic acids (table 5) to 
recognize that the differences, A mcs „_ r „ ( .,. ni , c , do not themselves 

TABLE 4 


Values of Ki/Kifor derivatives of succinic acid 


ACIDS 

Kx/K, 

RACEMIC 

Kx 

MESO 

OH-OH. 

20 

48 

OH-C1 ... .. I 

24 

48 

Cl-Cl . .... 

21 

38 

Cl-Br . . 

20 

15 

Br-Br 

51 

15 

C 6 H 6 -C 6 H 6 . . 

80 

113 


TABLE 5 

Melting points of the halogenated succinic acids 


ACIDS 

1 RVCEMIC 

MESO 

^ m ('so —racemic 

Cl-Cl 

171° 

-220° 

491 4 

Cl-Br 

162 

215 

53 J i 4 . 

Br-Br 

170 

257 

b* 

00 


differ by a constant amount between the various series no matter 
how the chlorobromosuccinic acids are arranged. The occurrence 
of such a numerical relationship as was observed by Kuhn in the 
chloromalic acids is therefore a mere accident. 

Table 6 records the melting points of a similar series which are 
especially instructive (119). The figures in parentheses represent 
the melting points of the corresponding active forms. In spite 
of a large difference in melting points, a definite arrangement of 
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the hydroxydiphenylethylamines is not possible. The active 
form of isohydrobenzoin has a higher melting point than the 
racemic form, while the two active hydroxydiphenylethylamines 
melt lower than do their racemic forms. 

The determination of configurational relationships by means of 
optical behavior should probably suggest itself, since this is the 
primary characteristic of stereoisomers. Such attempts were 
made as early as 1909 by C. S. Hudson (120) in the study of the 
sugars, where conditions are especially favorable because of the 
very close relationship of the sugars to each other, van’t Hoff’s 
principle of optical superposition (121) was shown to be valid 
here, at least within certain limits. This permitted Levene 
(122), for instance, to determine the configuration of some 
hexosaminic acids. Naturally this principle is not applicable to 


TABLE 6 

Melting points of meso and lacemic forms of some compounds 


8t'B8TAN(*E 

ME80 i 

RACEMIC 

C,H 5 CH(NH 2 )CH(NH 2 )C 6 H 6 .. 

120° 

91° 

C fi H 6 CK(OH)CH(NH 2 )C ft Hs 

129 (115) 

165 (143) 

CeHsCH(OH)CH(OH)C*H',. 

138 

120 (146) 


compounds containing only one asymmetric carbon atom; instead 
it becomes necessary to make a general comparison of optical 
behavior. The researches of Clough (123) were pioneering in 
this field, although E. Fischer (124) and Frankland (125) had 
made suggestions in this direction. Using the simplest hydroxy 
and amino acids, Clough proved that compounds of similar con¬ 
figuration undergo analogous changes in rotation when they are 
subjected to the same influences of solvent, temperature, and 
added salts. He connected natural (+)-alanine with l( -f (-lactic 
acid, just as is done today. However, the more thorough in¬ 
vestigation of these phenomena by K. Freudenberg (126) showed 
that Clough’s method is successful only under certain conditions. 
Thus it was found to be necessary to avoid altogether the use of 
solvents (127). Furthermore all those compounds which possess 
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a special tendency for association, owing to the presence of free 
hydroxyl, amino, or carboxyl groups, had to be excluded from 
optical comparison (.128). Finally, each case had to be individ¬ 
ually tested to determine which compounds might be considered 
as analogous and therefore suitable for optical comparison. 
“Since the concept of ‘analogy’ cannot be sharply defined, no 
simple scheme can ever be devised for such determinations of 
configuration” (129). 

In order to present the data on which the work of Freudenberg 
rests, the molecular rotations of several derivatives of d( -)-lactic 
acid and of dextrorotatory bromopropionic acid are given in 


TABLE 7 


Molecular rotations of some derivatives of lactic and 


DERIVATIVE 

TOLUKNKSrLl ONYL- 
tf-LACTIC ACID j 

METHYL- 
d- LAC TIC 
ACID 

A( ETYL- 
d-LACTIC 
ACID 

BEN/O YL-rf-L ACTIC 

At ID 

d- 

imoMo- 

I’RO- 

r ionic 

A(ID 

Diethylamide 

+15(t = 40°) 



-94 

-12 

Dimethylamide 

+51(t = 30°) 

+84 

+28 

—82(t - 135°) 

-28 

Chloride 

+ 145(t = 35°) 

+112 

+49 

-121 

+46 

Methyl ester 


i +112 

+74 

-35 

+92 

Ethyl ester. 

+129 

+122 

+70 

-49 

+73 

Propyl ester .. 


+ 125 

+79 


+58 


table 7. The significant point is not the absolute values, which 
differ markedly from group to group, but the direction and the 
magnitude of the displacements which occur with the shift from 
one group to another (for instance, from the dimethylamide to 
the chloride). In spite of many individual disagreements, the 
data as a whole testify that (/-lactic acid and the dextrorotatory 
bromopropionic acid are similar in configuration. 

On the basis of all the facts that have been cited, Freudenberg 
succeeded in connecting a number of the most important halogen, 
amino, and hydroxycarboxylic acids as is shown by the following 
diagram (130). (The abbreviation “opt.” signifies a connection 
established optically; “chein.”, one established chemically.) 
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opt. 

Z( —)-Azidopropionic acid <-) 




opt. 

/( —)-Halopropionic acid <-» 

I 0 - *. 

/(-{-)-Lactic acid 


opt. 

i(+)-Alanine 


opt. 

chem. 

opt. 


i(—)-Halosuccinic acid 
opt. 

Z( —)-Malic acid 

1 

i opt - 

£(+)-Asparaginic acid 


Accordingly, the configurational relationships of the propionic 
acids and the succinic acids can be represented as in table 8 (131). 

In view of the great care with which these connections have 
been established we may assume that we are here on compara- 


TABLE8 

Configurational relationships of propionic and succinic acids 



LACTIC ACID 

(ITLOJIO- AND 

DR O MO-PROPIONIC 

ACIDS 

ALANINE 

ALANINE ESTER 

MALIC ACID 

CHLORO- AND 
BROMO-mCCINlC 
ACIDS 

ASPARAGINIC 

ACID 

ASP \R ACiINIC 
ACID ESTER 

ArjO 

NjO, 

NOCl\ 

NOBrj 

PCI 6 , sod,' 
PBr* / 

Nil, 

KOH 





i ; i i 


1 

i . 1 _o _ 

i 

Ip 1 




0 

1 0 


i ' , 


tively firm ground. But if we consider the marked limitations 
which are imposed in the choice of substances and methods, then 
it seems desirable also to have a theoretical justification for the 
procedure employed, i.e., to investigate more closely the connec¬ 
tion between rotatory power and chemical constitution. We 
shall return later to the investigations of W. Kuhn, which were 
undertaken with this in mind. 

Extensive researches on configurational relationships and the 
problem of the Walden inversion were also undertaken by P. A. 
Levene. His efforts to classify the amino sugars and their acids 
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by the principle of optical superposition have been described by 
him in This Journal (132). An important consequence of this 
work was the observation that, in general, ionization (i.e., salt- 
formation) in acids of related configuration produces a shift of 
the rotation in the same direction (133). As table 9, taken from 
Levene (134), shows, both the hexonic and the hexosaminic acids 
are separable into two groups. In one group (designated with 
asterisks) the differences in rotation between the free acids and the 
salts are negative; in the other they are positive. These acids 
were shown to have the same configuration (i.e., the same orien¬ 
tation of the carbon atom 2). 

Although this empirical rule was confirmed in numerous cases, 
it cannot alone form a solid foundation for the determination of 
configuration. Levene (135) therefore attempted to devise a 
second and independent method based on general considerations 
in regard to the relation between rotation and polarity of the 
substituents. The characteristic manner in which the rotatory 
power of compounds with the same configuration can be altered 
by the electrochemical character of the substituents has long 
been known and may be illustrated here by using the derivatives 
of the levorotatory amyl alcohol (136). 


C 2 H 6 CH(CH,)CH,OH 
c/-Amyl alcohol 

M" - 5 90 ° 



CjHsCH(CH 3 )CHjBr 
[< + 3 7 ’ 


CJI 6 CH(CII,)CH 2 NH J 
[< - 5 9° 



C a H 6 CH(CIUCOOH 

!«]„+ 18 ° 


The oxidation of aliphatic mercaptans to sulfonic acids also 
involves a change in the sign, according to Levene: 

C 2 H*CH(CH 3 )SH-> C 2 H 6 CH(CH 3 jS0 3 II 

H d + 15.7’ [«]„ - 3 2° 

Levene then made the assumption, which is difficult to justify, 
that the differences in polarity between the OH group and the Cl 
group are qualitatively similar to those between the SH group 
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and the S0 3 H group (137). This would lead to the conclusion 
that the chlorides, RiRjCHCl, obtained from the carbinols, 
R 1 R 2 OHOH, correspond in configuration to the carbinols, since 
they show rotations of the opposite signs. Using this assump¬ 
tion, Levene has developed a very elegant system for relating the 
simplest optically active carbinols with the hydroxymono- and 
hydroxydi-carboxylic acids and their corresponding halogen deriv¬ 
atives. The following diagram shows his connection of chloro- 
succinic acid with malic acid and lactic acid (138). 


coon 

1 

coon 

ch 2 

(I 

CH, 

11 

COOH 

1 

1 

1 

Ur»ATT , 

ruT 

I’O, y l cu 

Oa ' 

3 1 TTppi 

il UAJil <“ 

1 

rlvA/rl < —— 
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1 
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1 

HCOH 
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1 

ch 2 

( + ) 

1 
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COOH 
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CH, 

COOH 
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1 

i 

(-) 



CH 

CH 




1! 

II 




ch, 

CH, 




(-) 

(+) 



1 

C,H, 

I 

HCOH 

I 

CH, 

I 

CiHj 

(+) 

In many cases the configurations thus determined coincide 
with those derived from Levene’s displacement rule. Neverthe¬ 
less there are also contradictions (139). This is not surprising 
for, as wc have already remarked, it is very doubtful whether 
halogen and hydroxy compounds of opposite rotations can have 
the same configuration (140). The concept of polarity" is still 

* Wc are indebted to Rule and Betti for a thorough investigation of the relation 
between rotation and polarity; a full discussion of this interesting work would 
lead us too far afield. 
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very vague and has not been more sharply defined by Levene; it 
can therefore not be used to apply conclusions from the mercap- 
tans and sulfo compounds directly to halogen compounds, as has 
already been pointed out by Houssa, Kenyon, and Phillips (141). 
It is also hardly permissible to draw general conclusions from the 
simple fact of change in rotation so long as all influences of the sol¬ 
vent have not been carefully excluded. Hence it is quite compre- 

TABLE 9 


Specific rotation* of hrxomc and hexosammic acids 



i her 

ACID 

t«] D 

SODIUM 

SALTS 

< 

PHENYL- 
U\rm A/IDE'A 

i«C 

AMIDES 

M» 

* Gluconic acid 

0 0° 

4-11 78° 

4-18 0° 

4-81 2° 

Mannomc acid 

-f 15 0 

-8 82 

-10 5 

-17 3 

Idomc acid 

+ 

-2 52 

-15 1 

- 

* Gulonic acid 

-1 6 

4-12 68 

! 4-13 45 

4-15 2 

* Galactonic acid 

—8 0 

4-0 40 

4-12 2 

4-30 0 

Talonic acid 

4-10 7 

- 

-25 4 

- 

* Allomc acid 

-10 0 ! 

4-4 30 

4-25 88 

- 

Altronic acid 

+8 0 i 

-4 05 

-15 8 

— 


ACIDS 

M» 

in 2 5 r o 
HC1 

W» 

, in 5 1 c 

NaOlI 

* Chitosaminic acid ... 

-15 0° 

+1 3° c - 50 

Epichitosaminic acid 

4-10 0 

-5 0 c * 5 0 

tZ-Xylohexosamime acid 

4-14 0 

'-16 0 c = 2 5 

* /-Xylohexosaminic acid 

-11 0 

4-2 0 c — 2 5 

* Chondrosaminu* acid 

-17 0 ! 

—15 0 c - 2 5 

Epichondrosaminic acid 

4-8 0 ! 

4-18 c = 25 

d-Ribohexosaminic acid 

4-12 5 

4-2 0 c — 2 5 

*Z-Ribohexosammic acid 

-26 0 

—15 0 c — 2 5 


hensible that the results of Freudenberg and of Levene in regard 
to the arrangement of the halogen compounds contradict each 
other. It can hardly be doubted that, for the present at least, 
Freudenberg’s method has decidedly the greater probability. 

Finally we must make brief reference to the work of Ott (141a) 
who believes that he has discovered connections between the 
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Walden inversion and reaction velocities. 7 Since according to 
his investigations “it must appear doubtful whether in the future 
the representation of optical isomers as mirror images will be 
justifiable,” we shall have to await experimental confirmation of 
his experiments, which were in part carried out with rather small 
amounts of liquid substances. 8 That powerfully rotatory impuri¬ 
ties in such experiments may easily give rise to serious false con¬ 
clusions is shown by the work of Erlenmever (141b) on the sup¬ 
posed optically active cinnamic acid and the alleged differences 
in the physical constants of the d- and /-mandelic acids (141c). 

V. RELATIONSHIPS BETWEEN ROTATION AND CONSTITUTION 

As is apparent, from the above survey, the attack on the prob¬ 
lem of the Walden inversion has been made chiefly with the em¬ 
pirically determined “displacement rule.” In order to avoid this 
empiricism, the most important problem of the future would seem 
to be to clarify the quantitative relationships between chemical 
constitution and optical rotatory power. Until recently there 
has been no satisfactory theory of optical rotation. The hypo¬ 
thesis of the asymmetry-product, proposed by Guye in 1890 was 
soon invalidated, especially by the work of Walden. Lindman 
(142) demonstrated very nicely that the masses of the substitu¬ 
ents are not the determining factors, for four similar copper 
spheres at the corners of an asymmetric tetrahedron turn the 
plane of polarization of Hertzian waves, but four unequal spheres 
in a regular tetrahedron show no such effect. 

Recently W. Kuhn (143), building on the older work of Born 
(144) and Oseen (145), has succeeded in drawing a quantitative 
relation between rotational dispersion and absorption. This 

7 Previous work of Ott had shown a connection between reaction velocity and 
cis or Irons addition. Acetylene diearboxylic acid gave maleic acid upon rapid 
hydrogenation with platinum; upon slow hydrogenation it gave fumanc acid. 
The experimental result is beyond question. The significance of the work would, 
however, become decisive only with the proof that maleic acid is not converted 
into fumaric acid by longer contact vnth the effective catalyst If this were the 
case, fumaric acid would merely be the product of a secondary conversion. 

8 Note added to proof: In the meantime Ott (Ann 491 , 287) has recalled a 
part of his statements. 
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experiment was suggested by Fresnel's conception of rotation as 
circular double refraction 


a = ~—~ (ni — n r ) 

^vac 

and by the striking fact that the relationship between refraction- 
dispersion and absorption is analogous to that between rotational 
dispersion and circular dichroism (Cotton effect). 

Refraction and absorption are connected in gases by the 
following equation: 

Nc 1 h 

H ^ 2n 1)1 _ yl 

N is the number of atoms in the unit volume, c the charge, m the 
mass of the electron, n the absorption frequency, and f k the 
intensity of the absorption band. Since for each substituent in 
the molecule there is always a corresponding value of v k> and since 
f k and Vi. are in the first approximation independent of the other 
substituents, the result is the well-known additivity of molec¬ 
ular refraction. 

In a similar way rotation in the visible region may be analyzed 
into the contributions of the individual substituents. Thus the 
following expression for rotational dispersion can be developed. 


wj — n r 


Ne -%r\ ^ ! k v k 

2 7T m Mmd „ yl 


A new factor here is g,, the “anisotropy factor.” It represents 
the relative difference of the absorption coefficients for left-hand 
and right-hand circular light inside the absorption band 

€/ ~ ?r 
€ 


It is therefore related to circular dichroism. However, while all 
the summational items in the equation for refraction have a 
positive sign, in the case of rotational dispersion 
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because the individual values of g k alternate in sign. Further¬ 
more it may be shown that only weak absorption bands can have 
a high anisotropy factor. As a result summational items which 
come from the intense Schumann bands are partially cancelled 
and it is the weak bands lying in the near ultra-violet which give 
the important contributions to the total rotatory power. The 
anisotropy of these bands is due to the existence of coupling forces 
between one substituent (which we may call R) and the other 
substituents, Ri, 2 , 3 , which themselves possess intense bands in 
the Schumann region. Kuhn expresses the situation as follows: 
The intense bands Ri, 2 , 3 “induce by vicinal function” an aniso¬ 
tropy in the weak band R. In agreement with experience it may 
be shown that optical activity occurs only when the molecule is 
composed of at least four different groups (14G). 

W. Kuhn has examined both absorption and rotation in 
the ultra-violet for a number of very simple compounds which 
offered especial interest in view of Freudenberg’s determinations 
of configuration. Jn the case of methyl azidopropionate 
CH 3 CTI(N 3 )('OOCTl 3 , whose molecular rotation is 24°, the azido 
band furnishes 12°, i.e., fifty per cent, to the rotation, while the 
contribution of the same band to the total absorption is only 
10~ b . The vicinal function is not appreciably changed by minor 
chemical changes in the substituents, R,, 2 . 3 , producing it. For 
instance, while the total rotatory power of the dimethylamide 
of azidopropionic acid is strongly negative and that of the corre¬ 
sponding methyl ester is positive, the contribution of the azido 
band is in both cases negative. On the other hand, the aniso¬ 
tropy of a weak band due to the substituent R is extraordinarily 
sensitive to chemical changes in R. Under certain circumstances 
the sign may thus be reversed. If a substituent which possesses 
an absorption band in the near ultra-violet is removed from the 
asymmetric center, then the vicinal function, and therefore its 
contribution to the rotation, is rapidly decreased. 

It may easily be seen that with approximate validity of these 
rules both the principle of “optical superposition” and the rules 
of displacement would attain a theoretical basis. It has recently 
been emphasized from various sides (147) that the principle of 
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optical superposition may at the most represent an approximate 
rule. An often neglected fact is important in this connection, 
namely, that “the optical rotatory power of an asymmetric 
carbon atom depends upon the composition, constitution and 
configuration of each of the four groups” (148). This is in fact 
already evident from the differences in the absorption spectra 
of tartaric acid and mesotartaric acid (as far as we can judge by 
the existing measurements). Kuhn’s point of view leads to a 
very important consequence for the determination of configura¬ 
tion by the method of optical comparison. Only those com¬ 
pounds in which all groups which contribute essentially to the 
rotation are alike, may be compared with respect to their rotation. 
For instance, the rotation of lactic acid is essentially determined 
by the anisotropy of the carboxyl group, while that of mandelic 
acid is determined by the phenyl group. Lactic acid and man¬ 
delic acid therefore cannot be directly compared with each other. 

VI. ABSOLUTE ASYMMETRIC SYNTHESIS 

This term is applied to the production of optically active mate¬ 
rials from racemic compounds without the aid of a substance 
which is itself optically active. It is therefore in a sense a ques¬ 
tion of equivocal generation of optical activity. The outstanding 
attempt to produce activity by purely physical means is that of 
Cotton (149), who discovered the circular dichorism of the copper- 
alkali tartrates in 1896. Since the solutions of these compounds 
decompose in the light, Cotton expected to find that the decom¬ 
position would proceed with different velocities in left- and right- 
handed circularly polarized light and that he could thus produce 
an optically active solution. The attempt however failed, and 
we know today that it could not have given positive results, 
for the region of photochemical sensitiveness of Fehling's solution 
lies in the ultra-violet, as Byk (150) showed, while Cotton studied 
circular dichroism only in the visible region. Actually Mitchell 
(151) has recently proved that Fehling’s solution shows no 
dichroism in the region involved. There is still another condi¬ 
tion essential for success in experiments of this sort, namely the 
validity of Einstein’s photochemical equivalency law. 
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Positive confirmation of the correctness of Cotton’s idea was 
provided in 1929 by W. Kuhn and Braun (152). In the study of 
the rotation of ethyl bromopropionate in the ultra-violet they 
found that this substance shows a high rotation anomaly in 
the near ultra-violet (2450 A.), so that a considerable portion of 
the optical activity can be attributed to this band. They were 
actually able to produce a weak activity (maximum ±0.05°) of 
the expected sign by irradiating the racemic ester with circularly 
polarized light of wavelength 2800 A. They soon found a sub¬ 
stance which was more suitable for this purpose in the dimethyl- 
amide of azidopropionic acid, the azido band of which shows 
circular dichroism at 2900 A. The relative difference in 
the absorption of right and left circularly polarized light 
amounts here to not less than 2.5 per cent. The activation pro¬ 
duced by light of wavelengths 2800 A. to 3200 A. amounted to 
about 1° and agreed both in magnitude and in sign with the 
theoretical prediction. 

Finally there is the very recent successful attempt of Mitchell 
to produce the effect in the visible region. Humulene nitrosite, 
a derivative of a terpene, shows circular dichroism in the red. It 
was activated by irradiation with light of wave length 7000 A. 
The progress of the reaction was followed polarimetrically and 
the complete symmetry of the rotations produced by right- and 
left-handed circularly polarized light under similar conditions 
was nicely demonstrated. 

VII. STEREOCHEMISTRY AND CRYSTALLOCHEMISTRY 

Since its very beginning stereochemistry has stood in very close 
relationship with crystallography. “It was crystallographic re¬ 
searches that led Pasteur to the discovery of asymmetry in organic 
substances; crystallographic considerations served van’t Hoff and 
LeBel as a foundation for the building of stereochemistry, and 
crystallographic measurements have up to the present time pro¬ 
vided auxiliary means often consulted for the characterization of 
optical, racemic and pseudo-racemic individuals” (153). It is 
therefore not surprising that the recent development of crystal¬ 
lography under the influence of x-ray physics has presented new 
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problems in the stereochemistry of organic compounds. The 
dimensions of the elementary crystallographic unit, 9 as measured 
by x-rays, the space-group of the crystal, and the observed 
intensities combined with z, the number of molecules in the 
elementary unit, yield the minimum symmetry of the single 
molecule in a crystal. The assumption is made that the micro¬ 
unit of crystallographic structure is identical with the chemical 
molecule. 

We thus have the interesting question as to whether the sym¬ 
metry of the crystal molecule thus determined agrees with the 
symmetry of the molecule in vapor and solution as determined 
by the methods of classical stereochemistry. We can hardly 
expect in advance to find a complete agreement, for the regular 
tetrahedron can be considered only as a rough first approximation, 
certain deformations do not alter the character of the isomerism, 
and only the mirror-plane and the center of symmetry are taken 
into account from the classical point of view. Naturally it is 
possible to apply the geometrical structure theory to the chemical 
molecule and to ask which symmetries result in a molecule if one 
makes certain assumptions concerning the equivalence and the 
individual symmetry of the substituents. In its essence this 
question is involved in the geometrical considerations of LeBel, 
who started from the space-lattice theory of Bravais. If the 
group theory is applied to the simplest four-membered group, 
Ca 4 (methane and its derivatives), and if the question is then 
asked as to the number of ways in which four equal groups "a” 
can be equivalently arranged about a carbon atom, then we have 
the following results given in table 10 according to K. 
Weissenberg. 

If “a” does not possess the symmetry of a trigonal axis (Cz, C 3 „), 
then Ca 4 cannot be a regular tetrahedron. If the substituent “a” 
is asymmetric (Ci) or if its single element of symmetry is a mirror- 
plane (C,), then the following configurations are available for 
Ca 4 : tetragonal and rhombic bisphenoid (the so-called distorted 
tetrahedron) and, furthermore, quadratic and tetragonal pyra- 

9 It must be emphasized that the elementary unit represents a purely 
geometrical concept. 
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mids with the “central” carbon atom at the apex. From this 
formal point of view, which has recently become known through 
the work of K. Weissenberg (154), it thus appears, as was re¬ 
marked above, that the regular tetrahedron is only a special case. 

It would, of course, have been of the greatest stereochemical 
interest to have been able to prove experimentally with the aid 
of x-ray methods either planar or pyramidal configurations for 
the Ca 4 molecules. For a time it actually seemed that such an 

TABLE 10 

Possible arrangements of four equal groups about a carbon atom 
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The first column lists all the six possible forms of symmetry which four equal 
substituents, a, (either element or radical) may possess (monogonal, digonal, 
trigonal axes, etc ) when grouped equivalently about a carbon atom. The sym¬ 
bols are those of Schonfliess and the corresponding diagrammatic symbols are 
given in the second column Right and left isomers are distinguished by d and 
l The figures heading the remaining columns show the possible configurations 
of the substituents (represented by small circles) about the carbon atom, which 
is assumed to be at the center of the space, at the center of the plane, or at the 
apex of the pyramid, respectively. Optically active molecules are designated by 
a, inactive by i For each of the six forms of symmetry of the substituents the 
table therefore gives the symmetry of the Ca 4 molecules which can be constructed 
from them ,—represented by Schonfliess symbols. Vacant spaces in the table 
signify that the corresponding configuration cannot be constructed. For in¬ 
stance, the space-centered configuration is not possible with substituents C 2v . 
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anomalous configuration had been found in the case of penta¬ 
erythritol, C(CH 2 OH) 4 . If the symmetry C 8 is attributed to the 
CH 2 OH groups, as based on the tetrahedral model of van't Hoff, 
then the molecule should, according to the above point of view, 
have the configuration of a bisphenoid or of a pyramid. The 
measurements of Mark and Weissenberg (155) actually showed 
the symmetry of a quadratic pyramid (C 4 „). However, the 
further examination of this work which was undertaken by 
several authors showed that the calculation had been based on a 
false symmetry class, as might have been seen from the Laue 
diagram of Haga and Jaeger (156). 

A tetragonal bisphenoid, S 4 , may today be regarded as the most 
probable symmetry (158), on the basis of thorough x-ray and 
crystallographic investigations by Nitta, Schleede, and coworkers, 
Nehmitz, Ernst, Seifert, van Melle, and Schurink, as well as by 
Mark and v. Susich (157). Thus the molecule has a fourfold 
axis of rotatory reflection as its single element of symmetry and 
the CH 2 OH groups are asymmetrically constructed. According to 
newer results, however, the symmetry is perhaps still lower, i.e., 
rhombic. A decision can be reached only when we have a perfect 
single crystal of pentaerythritol. According to the work of 
Friederich and Brun (159), as well as of Ebert (160), we must 
assume that pentaerythritol which has been purified only by 
crystallization always contains an anhydride, dipentaerythritol, 
C 10 H 22 O 7 , as an impurity. 

A second case of pyramidal configuration was apparently dis¬ 
covered by Gerstacker, Moller, and Reis (161) in pentaerythritol 
tetraacetate. Here too, however, the verification by Knaggs 
(162) gave a different result, namely an approximately regular 
tetrahedral symmetry (Si). Finally Wagner and Dengel (163) 
undertook an x-ray study of the halohydrins of pentaerythritol, 
C(CH 2 C1) 4 , C(CH 2 Br ) 4 and C(CH 2 I) 4 , and gave to them the sym¬ 
metry C 2h , according to which the carbon atoms of the four sub¬ 
stituents would lie in the same plane with the central carbon atom. 
However, as long as the symmetry class is not determined with 
certainty , 10 we must withhold final judgment on this discovery. 

10 Note added to proof: Meanwhile this has been done in a very careful work 
by Wagner and Dengel (Z physik Chem 16B, 382) 
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Attempts have also been made to decide by chemical means 
between the various configurational formulas of pentaerythritol 
(164). These also gave no indication of the existence of a pyra¬ 
midal configuration. Yet in any case no conclusive proof is 
possible by chemical methods (165). 

Still another series of Ca 4 compounds has been investigated by 
means of x-rays. According to McLennan and Plummer (166) 
methane crystallizes cubically; the same is true of carbon tetra- 
bromide and carbon tetraiodide (167) as well as of tetramethyl- 
methane (168). In all these cases the molecule is a regular 
tetrahedron ( T d ). Pentaerythritol tetraformate crystallizes in 
the space-group V l \ and contains eight molecules in the elementary 
unit (169). The tetranitrate has the molecular symmetry S t 
(170). Tetramethyl methanetetracarboxylate, C(COOCH 3 ) 4 , has 
the symmetry C- 2 ,C’., h , or <S' 4 (171). It is apparent that there is so 
far no case of contradiction to van’t Hoff’s theory. The occa¬ 
sionally rather temperamental attacks from the standpoint of 
the geometrical structure theory have thus not been able to shat¬ 
ter the classical theory. 

On the whole the x-ray analysis of structure has not been of as 
much service to stereochemical research in organic chemistry as 
was originally hoped. This is partly because even relatively 
simple molecules often do not enter into the crystal with the 
highest symmetry that their structural formulas would permit 
(172). As an example, several x-ray investigations on derivatives 
of ethane may be mentioned. Concerning the structure of ethane 
itself Debye photographs by Mark and Pohland (173) show only 
that it is either center-symmetrical or planisymmetrical. A series 
of isomorphous ethane derivatives was thoroughly investigated 
by K. Yardley (Mrs. Lonsdale) (174), namely, C 2 Cle, C 2 Br 6 , 
C 2 Cl 4 Br 2 , C 2 Br 6 F, C 2 Cl 3 Br 3 , C 2 Br 4 (CH 3 ) 2 . These compounds 
crystallize in the space group V 1 / and contain in the elementary 
unit four molecules which have one plane as their single element 
of symmetry. C 2 C1 6 , C 2 Br 6 , and C 2 Br 4 (CH 3 ) 2 contain a pseudo¬ 
center besides. On the other hand, the rigorously tetrahedral 
C 2 C1 6 has only the following symmetries: C 3 „ D s , D u , CV 

According to the views of A. Reis (175), one w'ould expect that 
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mesotartaric acid would show a symmetry center in the crystal, 
while tartaric acid would show a twofold axis of rotation. Ex¬ 
periments showed, however, that both molecules are asymmetric 
(176). The translation-cell of triclinic mesotartaric acid contains 
two molecules which are associated in a center-symmetrical 
micro-unit. The monoclinic-sphenoidic tartaric acid also con¬ 
tains two asymmetric molecules; but in this case the single 
molecules are the micro-units and are connected by a screw 
axis, as in cane sugar. The elementary cell of racemic acid, like 
mesotartaric acid, contains a center-symmetrical bimolecule (177). 

And finally we must mention the x-ray investigations of Hassel 
and Kringstad (178) on solid cyclohexane and of Dickinson and 
Bilicke (179) on benzene hexabromide because they relate to the 
Mohr models of cyclohexane, which w'ere discussed in section II. 

VIII. SOME RECENT PHYSICAL INVESTIGATIONS ANI) THEIR STEREO¬ 
CHEMICAL CONSEQUENCES 

Formerly the symmetry characteristics of organic molecules 
were studied primarily by optical methods. As, however, our 
conceptions of the electrical structure of atoms and molecules 
were refined, it was inevitable that considerations of electrical 
symmetry should enter into the study of stereochemistry. The 
property most suitable for this purpose proved to be the dipole 
moment (the charge multiplied by the distance between the 
centers of gravity of the charges in the molecule). It became 
apparent (180) that it was possible to attribute fairly definite 
moments to the individual substituents and that these could be 
vectorially added. The resulting moment of the aliphatic hydro¬ 
carbons was zero. Since this was to be expected from a tetra¬ 
hedral configuration it provided an excellent and independent 
confirmation of van’t Hoff’s theory. 

One of the basic postulates of van’t Hoff’s theory is the 
“principle of free rotation” in compounds of the type 

a d 

\ / 

b—C—C—e 

/ \ 

c f 
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It leads to a single preferred configuration by the mutual action 
of the groups a, b, c on d, e, f (180a). The more detailed require¬ 
ments of this principle were for many years not considered because 
experience had seemed to confirm it in every respect. It was not 
until the discoveries of J. Kenner, which have already been dis¬ 
cussed, that cases were known in which free rotation was impeded 
so that the appearance of isomers became possible. Quite apart 
from stereochemical questions the principle also attained some 
interest in researches on the dipole moments of organic com¬ 
pounds. J. J. Thomson’s introduction (181) of vectorial addi¬ 
tion of individual moments with ortho-, meta-, and para-substi¬ 
tuted benzene derivatives led to serious difficulties with the OH, 
OCH 3 and NH 2 groups. Different authors then showed (182) 
that the variations can be explained on the assumption that the 
valences of oxygen, or of nitrogen respectively, form constant 
angles. In that case the substituents do not lie in the plane of 
the benzene nucleus and therefore are able to take different 
positions with respect to each other because of the free rotation. 

Williams made the first attempt to calculate the moment of 
symmetrically substituted ethanes. The resulting moment of 
ethylene dibromide must show a maximum with the cis position 
of the bromine atoms, while the trans position would give a 
moment of zero. Williams then made the assumption (which in 
this simple form is certainly not permissible) that all positions 
between these extremes possess equal probability and thus, on 
the basis of the experimental values then available, concluded 
that the angle between the vector and the C—C axis is reduced 
from a normal of 70° to about 35° in the halogenated ethanes 
(183). He attributed this effect to a mutual repulsion of the 
polar groups. But Stuart (184) has recently shown that such a 
deformation of the angle is certainly not involved. According 
to Eucken and Meyer (185) the mutual attraction and repulsion 
of the groups within the molecule result in a position of minimum 
energy which the molecule tends to attain. This hindrance of 
the free rotation, however, is opposed by the heat motion. 
Eucken and Meyer attempted, a calculation of the distribution of 
potential in which they took into account only the C—Cl moments 
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and assumed the constancy of the bond moments and the valence 
angles. They found thus that hindrance of the free rotation does 
not occur when the intramolecular potential of the individual 
moments in motion 


ix 2 / r 3 <0.1 kT. 

A hindrance can be expected only at an order of magnitude of 
kT, i.e., at an approach of the moments to about 3 A. For 
ethylene dichloride the potential amounts to 2 to 3 kT. With a 
drop in the temperature the theory would demand a drop in the 
moment. Such an effect has, however, not yet been observed 
with any certainty. Of course, for the present only rough and 
superficial calculations are possible (186). 

One thing, however, is clear from the material which is now 
available: symmetrical molecules in the liquid or gaseous condi¬ 
tion do not by any means assume center-symmetrical positions 
with a moment of zero. For instance, p-xylylene chloride 
C1CH 2 C6H 4 CH 2 C1 has a moment of 2.23 (187). Quite inde¬ 
pendently of such assumptions Weissberger and Sangewald (188) 
have demonstrated the hindrance of free rotation in the case of 
stilbene chloride. If the two diastereoisomeric stilbene chlorides 
possessed unhindered rotation, i.e., if the two halves of their 
molecules did not affect each other electrically, then their dipole 
moments would have to be the same, for the resulting vectors 
of the two half-molecules are independent of whether or not the 
respective groups are identical in configuration or are mirror 
images. In fact, however, the two moments are quite different. 
Wolf (189) made entirely analogous observations with tartaric 
acid and mesotartaric acid. On the other hand, the moments of 
hydrobenzoin and isohydrobenzoin differ only slightly (190). 
This might, however, be due to the angle of the oxygen atom. 
The moment in any meso form, should be particularly small since 
all the substituents can go into the trans form in pairs. This 
has been experimentally confirmed in nearly all cases (191). 
Bergmann and Engel (192) have published measurements of the 
moments of diphenyl derivatives. 

The results obtained by dipole measurements have found 
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desirable confirmation and extension by x-ray measurements. 
Keesom and de Smedt (193), as well as Debye (194), have shown 
that two processes overlap in the interference of monochromatic 
x-rays in liquids. There is, for one, the so-called “internal inter¬ 
ference” which originates in the geometrical structure of the indi¬ 
vidual molecule. But, since the intermolecular distances are also 
comparable with the wave length, there is also an “external inter¬ 
ference,” from which a certain regularity in the molecular orienta- 


TABLE 11 

Distance between the chlorine atoms in chloromethanes 


COMPOUND 

DISTANCE Cl-Cl 

IS k 

CC1 4 

2 99 

CHCI 3 

3 11 

CH 2 C1 2 

3 23 


TABLE 12 

Dipole moments of halogenated methanes 

SUBSTANCE 

DIPOLE MOMENT 

CHCI 3 . .... 

1 18 

CHBr 3 . . . . 

0 99 

chi 3 

1 0 

ch 2 ci 2 

1 55 

CH 2 Br 2 .. . 

1 4 

CHJ 2 ... 

1 1 


tion in fluids can be deduced. In the study of the scatter radia¬ 
tion from gases only the internal interference is observed. By the 
use of the proper atoms in the molecule certain atomic distances 
can thus be directly measured. The measurements of Debye 
(195) on ethylene dichloride appear to show that the molecule is 
predominantly in the trans arrangement. Wierl (196) however 
came to a different conclusion in an investigation of the diffraction 
of cathode rays by ethylene dichloride. It is however possible 
that his result was falsified by the activation of the molecule (197). 

There is unusual stereochemical interest in the interference 
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measurements of Debye and Bewilogua (195) made with simple 
substituted methane derivatives, for they permit a statement in 
regard to the form of the tetrahedron. As table 11 shows, the 
distance between the chlorine atoms increases with the decrease 
of their number, which may indicate a spreading of the valences 
(184). Wierl obtained practically identical figures from the 
diffraction of cathode rays. In view of the excellent agreement of 
the measurements a regular tetrahedral form is very probable 
for carbon tetrachloride. The length of the edge of the tetra¬ 
hedron of carbon tetrabromide is 3.32 A. according to Rumpf 
(198), and is 3.35 A. according to Wierl. 

Dipole measurements of the halogenated methanes are also 
interpreted as showing a spreading of the valences. Several 
measurements of Muller and Sack (199) are given in table 12. 
The values are smaller than those which would be calculated for 
the moments of a strictly tetrahedral structure. It is, to be sure, 
questionable whether the additivity rule is rigorously valid when 
strongly polarizing groups are attached to the same central atom. 
Measurements of dipole moments have also been applied to the 
solution of the question of the configuration of pentaerythritol 
derivatives. Here, too, no contradiction of the classical theory has 
been encountered (200). 
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The purpose of this article is to summarize what seem to be the 
most significant results of crystal structure studies by means of 
x-rays. Since a summary of organic crystal structure results 
was published in This Journal (1) not long ago, this paper will 
deal chiefly with inorganic crystals. 1 

CLASSIFICATION OF INTERATOMIC FORCES OF MOLECULES AND OF 

IONS 

Attractive forces between atoms in crystals may be classified 
as follows: (I) valence forces, due to electron-pair bonds (or to 
one-electron or three-electron bonds (4)); (2) ionic forces, due 
to electrostatic forces between ions; (S) metallic forces,—those 
holding the atoms together in crystals of metals. (These prob¬ 
ably are in part electrostatic attractions between the positively 
charged atom kernels and those valence electrons which are “free” 
or in other atoms, and in part attractions due to the interaction 
of valence forces similar to those producing electron-pair bonds in 
non-metallic crystals. Compare Slater (5)); (4) residual (or 
“van der Waals ? ”) forces, not included in the above. 

As examples of crystals in which the forces between all pairs of 
adjacent atoms are of one of these types exclusively (or practically 
so), the following may be mentioned: 

(1) C (diamond), Si, SiC (figure 1^ 

1 Except as otherwise noted, the structures mentioned are described, with 
references to the x-ray work, by Ewald and Hermann (2). Most of them are also 
described by Wyckoff (3). 
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Fig 1. The Unit Cube of the ZnS Structure 

Each atom is tetrahedrally surrounded by four of the other kind Like atoms 
(of either kind, considered separately) are in a face-centered cubic arrangement 
(cubic close-packing). The diamond has the same arrangement, all atoms being 
alike. 



Fig. 2 The Unit Cube of the CiCl Structure 

Each atom is cubically surrounded by eight of the other kmd. With all atoms 
alike, this is the body-centered cubic arrangement possessed by a number of the 
metals (see table 4) 
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Fig. 3 The Unit Cube of the NaCl Structure 

Each atom is octahedrally surrounded by six of the other kind. Like atoms 
have the cubic close-packed arrangement possessed by many metals, by the rare 
gases, and by some molecules, such as HC1 and H 2 S 



Fig 4 The Unit Cube of the CaF 2 and Li 2 0 Structures 

Each calcium or oxygen atom (represented by a dot) is cubically surrounded by 
eight fluorine or lithium atoms (open circles); each fluorine or lithium atom is 
tetrahedrally surrounded by four calcium or oxygen atoms. The calcium or oxygen 
atoms, considered separately, are in the cubic close-packed arrangement. 
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Fig 5. A Portion of a Layer of “Close-Packed” Spheres 
The centers of the spheres in the second layer are oyer the dots In “hexa¬ 
gonal close-packing” the third layer spheres are directly over those in the first 
layer; in “cubic close-packing” the third layer spheres are over the small open 
circles, the fourth layer spheres being over those in the first layer 



Fig 6 A Portion (Two Unit Cells) of the MoSi 2 Structure 
Each molybdenum atom (represented by a dot) is surrounded approximately 
cubically by eight silicon atoms (open circles); each silicon atom similarly by 
four molybdenum atoms and four other silicon atoms Each atom may be tetra- 
hedrally bonded to but four of its eight neighbors, in which case the whole crys¬ 
tal consists of two molecules This is shown by representing the bonds in one 
molecule by full lines, those in the other molecule by dotted lines. 
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Fig. 7. A Portion (Four Unit Cubes) of the Cu 2 0 Structure 
Each oxygen (open circle) is tetrahedrally surrounded by four copper atoms; 
each copper atom being midway between two oxygen atoms The copper atoms, 
considered separately, are in cubic close-packing. The whole crystal can be con¬ 
sidered as two molecules, the bonds in one being represented by full lines, those in 
the other by dotted lines 



Fig 8 A Portion of a Layer of the As Structure 
The open circles represent atomic centers below the plane of the projection; 
the dotted circles those above the projection plane The closest atoms in the 
next layers above and below this layer are directly over and under the centers of 
the hexagons. 

This figure also represents a layer of silicon atoms in CaSi 2 . The calcium ions 
are in parallel planes over and under the center of each hexagon 

This figure will also serve to represent a layer ol the MoS 2 structure, the dotted 
circles denoting molybdenum atoms in the plane of the projection and each of the 
open circles two sulfur atoms, one below and one above the projection plane. 
Each molybdenum atom is bonded to six sulfur atoms, each sulfur atom to three 
molybdenum atoms The nearest atoms (sulfur) in the next layers are over and 
under the molybdenum atoms in this layer 
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Fig. 9. A Portion of a Layer of the Hgl 2 Structure 
Each mercury atom (dot) in the plane of the projection is tetrahedrally bonded 
to four iodine atoms, two above (dotted circles) and two below (open circles) the 
projection plane The nearest atoms (iodine) in the adjacent layers are over and 
under the centers of the squares The arrangement of iodine atoms approximates 
cubic close-packing. 



Fig. 10. A Portion of a Layer of the CdCl 2 or Cdl 2 Structure 
The cadmium atoms (dots) in the plane of the projection are equidistant from 
six chlorine or iodine atoms, three (dotted circles) above and three (open circles) 
below the projection plane. In CdCl 2 the nearest chlorine atoms m the adjacent 
layers are over and under the cadmium centers, the ensemble of chlorine atoms 
approximating cubic close-packing. In Cdl 2 the lower iodine atoms in adjacent 
layers are over and under the lower iodine atoms in this layer; similarly for the 
upper iodine atoms and for the cadmium atoms. This gives an hexagonal close- 
packed arrangement of iodine atoms 
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(2) CsCl, NaCl, CaF 2 (figures 2, 3, 4) 

(3) Cu, Zn, Na (figures 2,3, 5) 

(4) Ne, A, Kr (figures 3, 5) 

If we define a molecule as an assemblage of atoms all held to¬ 
gether by valence forces, the whole crystal must be considered 
a single giant molecule, in such crystals as the diamond and SiC. 




Fig. 11. A Portion of the Structure of Se, in Plan and in Projection 
Each selenium atom is bonded to two others in the same string 


In MoSi 2 (figure 6) and in Cu 2 0 (figure 7) each single crystal is 
probably composed of two such molecules interlocking. Other 
giant molecules are merely layers (figures 8, 9, 10) or strings 
(figure 11) of bonded atoms, different layers or strings being held 
together by residual forces. Crystals containing small formula 
molecules, such as Snl 4 , As 4 0 6 (figure 12), and most organic com- 
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pounds, are also mixtures of types 1 and 4. CaSu consists of 
charged silicon layers, resembling the arsenic layers (figure 8) 
in metallic arsenic, separated by Ca ++ ions; it is therefore a mix¬ 
ture of types 1 and 2. If we assume electron-pair bonds between 
the silicon and oxygen atoms in silicates (these atoms are no 
doubt held together in part by ionic forces), with ionic forces 
between the oxygen atoms and the other metal atoms, these are 
also mixtures of types 1 and 2 (see the later discussion), as are 
also crystals containing such polyatomic ions as NH 4 + , N(CH 3 ) 4 + , 
and Fe(CN)r,-. 



Fig. 12 A Molecule of AslOe 

Each arsenic atom (dot) is bonded to three oxygen atoms (open circles); each 
oxygen atom to two arsenic atoms Light lines and dotted lines are merely to aid 
in visualization In the crystal, molecules like this are arranged as are the car¬ 
bon atoms in the diamond (figure 1) The arsenic centers are approximately in a 
cubic close-packed arrangement. 


CuS is probably a mixture of types 1, 2, and 3, containing S 3 — 
and Cu+ ions and metallic electrons (or neutral copper atoms). 

CONFIRMATION OF THE LEWIS THEORY OF VALENCE 

From G. N. Lewis’ theory (6) of electron-pair sharing and the 
completion of tetrahedral valence shells for electronegative 
atoms, one can predict from the formula both the number 
of bonds between such atoms and their relative orientations. 
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The same conclusions, it has been shown (7), can be deduced 
from the wave mechanics. These predictions have been verified 
by the crystal structure results in many instances, the few ex¬ 
ceptions (CsICl 2 , CaC0 3 , NaN0 3 , to be discussed later) being 
reasonably explained. One would predict from the theory, for 
instance, that in iodine crystals each atom is bonded to but one 
other, in selenium and tellurium to two, in arsenic, antimony, and 
bismuth to three, and in carbon, silicon, and germanium to four, 
in agreement with the experimental results (figures 1, 8, 11). 
Likewise in As 2 0 3 (or, better, As 4 0«) the prediction of three oxy¬ 
gen atoms around each arsenic atom and of two arsenic atoms 
adjacent to each oxygen atom is verified (figure 12). In each of 
these and many others which might be mentioned the arrange¬ 
ment around each atom of its neighbors is also in accord with 
the theory (compare references 8 and 9). 

Electropositive atoms are sometimes bonded tetrahedrally but 
quite frequently octahedrally or in other ways to electronegative 
atoms. The arrangement adopted depends on various factors 
—namely, which arrangements are geometrically possible with 
the right relative numbers of atoms, whether the bonds are pure 
electron-pair bonds or wholly or partly ionic, relative sizes of the 
atoms, etc.—factors which have been discussed quite fully else¬ 
where and which will be briefly considered later in this paper. 

ELECTRONEGATIVE ATOMS WITH MORE THAN FOUR VALENCE 
ELECTRON-PAIRS 

A few instances are known of compounds in which an electro¬ 
negative atom, when bonded to smaller and more electronegative 
atoms, has more than four electron-pairs in its valence shell. 
PC1 6 and SF 6 are the best known examples. CsICl 2 is another. 
It consists of Cs + and (C1IC1) - ions in an arrangement similar 
to that in NaCl (figure 3). The three atoms in each negative 
ion are colinear (unless there is continuous rotation of the ion), 
as would be expected of this valence electron distribution: 


:C1: I: Cl: 
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The non-polar and polar valence numbers and the formal charge 
of the iodine, as defined in a later paragraph, are 3, +1, and 
— 1, respectively. The I 3 “ ion is undoubtedly similar, and IC1 3 
would be expected to be 

Cl' Cl 
• I.- 
:C1: 

all the atoms having zero formal charge. 



Fio 13 A Unit Cell (not the Smallest) of PdO 
Each palladium atom (dot) ip surrounded at equal distances by four coplanar 
oxygen atoms (open circles); each oxygen atom is surrounded tetrahedrally by 
four palladium atoms The palladium atoms by themselves are approximately 
in cubic close-packing. 

CONFIRMATION OF WAVE MECHANICS PREDICTIONS 

An additional consideration of great importance has to do 
with the possible or favored electron eigenfunctions of the atoms 
involved. In certain cases the predictions of wave mechanics 
in this regard can be tested directly by crystal structure results. 
For instance Pauling (7) has shown that around bivalent nickel, 
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palladium, or platinum an arrangement of four bonds at corners of 
a square is more stable than one of four bonds at tetrahedron 
corners. In agreement with this, a square arrangement of chlo¬ 
rine atoms around each platinum or palladium atom has been 
found in crystals of K 2 PdCl 4 , K 2 PtCl 4 , and (NH 4 ) 2 PdCl 4 . Simi¬ 
larly a nearly completed analysis of N(CH 3 ) 4 AuC 1 4 by the writer, 
seems to indicate a square AuClr ion. Structure analyses of 
pentlandite, which has approximately the composition Ni 3 FeS 4 , 
and of millerite, NiS, place four coplanar sulfur atoms around 
each nickel atom. The observed x-ray data from PdO are in 
agreement with an arrangement (figure 13) in which each oxygen 
atom is tetrahedrally and each palladium atom (approximately) 
squarely surrounded by atoms of the other kind (10). 

Another outcome of wave mechanics calculations is the con¬ 
clusion that quadrivalent chromium, molybdenum, and tungsten 
can form six strong bonds at corners of a trigonal prism. This 
explains the previously anomalous structure possessed by MoS 2 
and WS 2 (figure 8). 

RELATIONSHIPS BETWEEN VALENCE AND STRUCTURE 

Crystal structure studies have served to clarify considerably 
our ideas of the relationships between valences and structure and 
between the different kinds of valence. Lewis’ shared electron- 
pair bond is interpreted (7), according to the new quantum me¬ 
chanics, as due to the resonance or interchange phenomenon be¬ 
tween two single electrons, one in each atom, with opposed spins. 

A valence number, as used in organic chemistry, is considered 
to be the number of bonds joining an atom to other atoms. It 
is evident that this equals for each atom the number of single 
(unpaired) electrons which are in the valence shells of the neutral 
atoms of which the structure can be considered to be composed: 
four for carbon, three for nitrogen or phosphorus, two for oxygen 
or sulfur, one for fluorine or chlorine, etc. If, however, the hypo¬ 
thetical formation of a compound from neutral atoms would 
necessarily involve the transfer of one or more electrons from one 
atom to another, either (a) in the production of ions 

(a) Na • + -Cl: Na+ + =Ci:- 
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or (b) in the process of bond formation, 

R R 

(b) R N- + -6: -> R nT67 

R R 

(c) C- + -0: -> C' O: 

the non-polar valence number equals the sum of the number of 
bonds and the number of electrons added to or removed from the 
atom in question. Another way of stating the same relationship 
is to say that the non-polar valence number equals the arithmetical 
sum of the number of shared electron-pairs and the formal charge ,— 
that is, the atomic charge calculated in a purely formal way 
by counting one electron of each shared pair (and of course 
both electrons of each unshared pair), regardless of any possible 
partial polarity of the bond. 

The polar valence numbers used in inorganic chemistry are 
the net charges on the atoms which are either actually present 
(in simple ions) or which would exist if both electrons of each 
shared pair were arbitrarily assigned to the more electronegative 
atom of the two which share that pair. (In cases of bonds be¬ 
tween like atoms, as in HOOH or H 3 CCH 3 , or of bonds of doubt¬ 
ful polarity, the shared electron-pairs can be considered as being 
equally divided between the bonded atoms") In other words, 
the polar valence number equals the formal charge plus the number 
of electron-pairs shared with more negative atoms minus the number 
of electron-pairs shared with more positive atoms. 

It is obvious that the polar valence numbers, like the non-polar 
valence numbers, give the number of electron-pair bonds around 
an atom only if the structure could be built up from neutral 
atoms without the transfer of any electrons from atom to atom, 
as, for instance, in H 2 0, Snl 4 , and As 4 0 6 . We may define ' 'second¬ 
ary valence compounds” as those in which the number of bonds 
around each atom is not equal to either of its valence numbers, 
that is, as those in which some of the atoms have formal charges 
different from zero. All ionized compounds belong in this class, 
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also all compounds whose formation solely from neutral atoms 
or from primary valence compounds would necessarily involve 
secondary valence reactions (b) as well as primary valence reac¬ 
tions (a), 

(a) A • + • B —> A : B 

(b) A + : B —> A : B 

There is no difference whatever, as the writer has repeatedly 
pointed out (11, 12) between a primary valence bond and a 
secondary valence bond, once formed. To illustrate, there is 
good reason to believe that in a crystal of cuprous chloride 
(ZnS type, figure 1), each atom is bonded by electron-pair bonds 
to its four equidistant neighbors. A primary valence reaction 
could produce but one such bond per atom. Similarly AuC 1 3 
molecules could be formed from neutral atoms by primary va¬ 
lence reactions alone, but one of the four equivalent bonds in 
AuCli~ must have been produced by a secondary valence reac¬ 
tion. 

Although in many primary and secondary valence compounds 
and ions the atoms are thus held together by electron-pair bonds, 
in many others this is not the case, since atoms can be held in 
fixed relative positions with respect to each other by attractions 
due to their ionic charges or to polarization of the atoms or groups 
concerned. Crystal structure studies have shown the arrange¬ 
ment, usually tetrahedral or octahedral, of H 2 0 or NHa groups 
or Cl atoms, for instance, around a central positive atom in many 
cases, but other criteria, such as Pauling’s magnetic criterion (7) 
or the interatomic distance criterion (see below) must be relied 
upon to determine whether or not there is electron-pair bonding. 

INTERATOMIC DISTANCES 

The equilibrium distance between two atoms in a crystal de¬ 
pends on many factors. By comparing distances between differ¬ 
ent pairs of atoms in the same or similar crystals and distances 
between like pairs of atoms in different crystals it has been pos¬ 
sible to determine considerable in regard to the relative impor¬ 
tance and magnitudes of these factors. Let us first divide inter- 
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atomic distances into four classes, corresponding to the four 
classes of attractive forces listed at the start of this paper. For 
each of these classes we then choose one or more standard types of 
arrangement (those for which the most or best data are avail¬ 
able) and deduce standard radii which, added together, will re¬ 
produce quite closely the observed distances between atoms in 
crystals of these types. 

Table 1 and figure 14 give standard radii for “tetrahedral” crys¬ 
tals (13, 10), such as those of the ZnS type (figure 1), obtained 
on the assumption that the atoms are joined by electron-pair 


TABLE 1 

Standard radii for tetrahedral crystals containing electron-pair bonds 


Li 

Be 

B 

C 

N 

O 

F 

1 35 

1 07 

0 89 

0 77 

0 70 

0 66 

0 64 

Na 

Mg 

A1 

Si 

P 

S 

Cl 

1.70 

1 40 

1 26 

1 17 

1 10 

1 04 

0 99 

Cu 

Zn 

Ga 

Ge 

As 

Se 

Br 

1.35 

1 31 

1 26 

1 22 

1 18 

1 14 

1 11 

Ag 

Cd 

In 

Sn 

Sb 

Te 

I 

1 53 

1 48 

1 44 

1 40 

1 36 

1 32 

1 28 

Au 

Hg 

T1 

Pb 

Bi 



1 50 

1 48 

1 47 

1 46 

1 46 . 




bonds. In such crystals, according to the new quantum me¬ 
chanics, the binding can be partly ionic and partly non-ionic. 
Although there is reason to believe that in most of these crystals 
the ionic contribution to the bond is small, the method of der¬ 
ivation of these radii (starting with bonds of certain non-polar 
character and assuming additivity of radii and smooth curves for 
each row of the table) automatically takes care of corrections for 
partial ionic character, provided the absolute magnitude of the 
correction depends only on the columns of the table in which the 
elements concerned he. The observed distances in BeO, AIN, 
and SiC indicate a decrease from the calculated values of about 
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0.05 to 0.10 A., due probably to small kernel repulsion, if the more 
negative atom is carbon, nitrogen, oxygen, or fluorine and the 
more positive atom is of an element in the first or second row of 
the Periodic Table. For a discussion of the factors producing 
variation in interatomic distances in different structure types the 
reader must refer elsewhere (10). 

In table 2 and figure 15 are given standard ionic radii for NaCl 
type crystals (coordination number 6) obtained in a semi-theoreti¬ 
cal manner by Pauling (14, 15). Zachariasen’s empirical radii 


R 



Tetrahedral Crystals 

(16) are also given, in parentheses. An earlier empirical set (17) 
published by Goldschmidt differs but little from these two. 

Interatomic distances in CsCl type crystals (coordination 
number 8) are about 3 per cent larger than the sum of these radii. 
A similar but probably slightly larger correction in the opposite 
direction must be made to obtain distances between ions in tetra¬ 
hedral crystals (coordination number 4). Zachariasen (16) has 
calculated it to be 4.3 per cent, from theoretical considerations. 
(The data for testing this directly are very meager. See, how- 
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ever, the following paragraph.) Other corrections are necessary 
for other structure types, for polarization, and for other factors. 

If we compare interatomic distances calculated on the assump¬ 
tion of pure ionic binding (table 2) with those calculated on the 

TABLE 2 


Standard ionic radii for sodium chloride type crystals 


CHARGE 

— 4 

CHARGE 

-3 

CHARGE 
- 2 

CHARGE 
- 1 

CHARGE 
+ 1 

CHARGE 
+ 2 

CHARGE 

+ 3 

CHARGE 

+ 4 

CHARGE 

+ 5 

CHARGE 
+ 6 

CHARGE 

+ 7 




H 

Li 

Be 

B 

c 

N 

0 

F 




2 08 

0 60 

0 31 

0 20 

0 15 

0 11 

0 09 

0 07 




(1 36)* 

(0 68) 

(0 39) 

(0 24) 

(0 19) 




c 

N 

0 

F 

Na 

Mg 

A1 

Si 

P 

s 

Cl 

2 60 

1 71 

1 40 

1 36 

0 95 

0 65 

0 50 

0 41 

0 34 

0 29 

0 26 



(1 40) 

(1 33) 

(0 98 

(0 71) 

(0 55) 

(0 44) 




Si 

P 

s 

Cl 

K 

Ca 

Sc 

Ti 

V 

Cr 

Mn 

2 71 

2 12 

1 84 

1 81 

1 33 

0 99 

0 81 

0 68 

0 59 

0 52 

0 46 



(1 85) 

(1 81) 

(1 33) 

(0 98) 

(0 78) 

(0 62) 








Cu 

Zn 

Ga 

Ge 

As 

Se 

Br 





0 96 

0 71 

0 62 

0 53 

0 47 

! 0 42 

0 39 

Ge 

As 

Se 

Br 

Rb 

Sr 

Y 

Zr 

Ob 

Mo 


2 72 

2 22 

1.98 

1 95 

1 48 

1 13 

0 93 

0 80 

0 70 

0 62 




(1 96) 

(1 96) 

(1 48) 

(1 15) 

(0 93) 

, 

(0 79) 



■ 





Ag 

Cd 

In 

Sn 

Sb 

Te 

I 





1 26 

0 97 

0 81 

0 71 

0 62 

0 56 

0 50 

Sn 

Sb 

Te 

I 

Cs 

Ba 

La 

Ce 




2 94 

2 45 

2 21 

2 16 

1 o9 

1 35 

1 15 

1 01 






(2 18) 

(2 19) 

(1 67) 

(1 31) 

(1 06) 

(0 89) 








Au 

Hg 

T1 

Pb 

Bi 







1 37 

1 10 

0 95 

0 84 

0 74 




1 The values in parentheses are those of Zaehanasen (16); the others are those 
given by Pauling (14, 15) 


assumption of electron-pair binding (table 1), using appropriate 
corrections for structure type, etc., it appears that in all or nearly 
all cases where other evidence indicates that the bonding is 
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chiefly of one type or the other, the distance calculated on the 
basis of that assumption is the smaller. To illustrate this, in 
table 3 have been listed the ratios of the sums of radii from tables 
1 and 2, without correction for structure type or other factors, 
for pairs of atoms whose kernel charge sum equals 8. The lowest 
values of this ratio are found for the undoubtedly electron-pair 
bonded CC (diamond), SiC, etc., while the highest values are 
those for the alkali halides and alkaline earth oxides and sulfides, 



Fig 15 Standard Ionic Radii for NaCl Type Crystals 


which are surely ionic. The ratios for the copper, silver, and 
gold halides are probably low, partly on account of assumed 
ionic radii for these metal atoms which are too high (see footnote 
to table 3) and partly on account of the neglect of polarization 
corrections. (Cf. Pauling (14), especially pages 772 and 779.) 
In general, it appears that if we can assume interatomic distances 
in tetrahedral crystals to be about 95 per cent of their values cal¬ 
culated for NaCl type crystals, the relative values of the ealeu- 
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The figures for the elements Mn-Ge, Ru-Sb and Os-Bi are from Goldschmidt (18); the others from Neuberger (19). 
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lated interatomic distances are at least a rough criterion as to the 
type of bond. 

It would be desirable, if possible, to have a standard set of 
radii for atoms in metallic crystals obtained only from crystals 
containing atoms similarly surrounded (as by twelve others in 
the close-packed types, figure 5) and either having the same num¬ 
ber of valence electrons per atom (the electron distribution in 
the atomic kernel changing regularly from atom to atom) or 

R 



Fig 16 Radii for Atoms in Close-packed Metallic Structures 


having a regularly increasing number of valence electrons (the 
kernel maintaining the same electronic distribution) as one pro¬ 
ceeds along a row of the Periodic Table. Unfortunately, how¬ 
ever, our present knowledge of electron distributions in metals is 
very inadequate for this purpose. The best we can do is to 
list together and plot together radii for atoms in similar structure 
types (e.g., the “close-packed” types), disregarding differences in 
electron distribution. (See table 4 and figure 16.) These differ¬ 
ences are no doubt responsible for the breaks in the curves con- 
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necting the radii in each row, but we shall for the present forego 
speculation as to their more specific interpretation. 

A metal atom radius is ordinarily about 2 or 3 per cent smaller 
if it is surrounded by only eight neighbors than if it is sur¬ 
rounded by twelve (18, 54). If the data on chromium are cor¬ 
rect, however, the difference in that case is about 8 per cent. 
This discrepancy may perhaps be attributable to the existence 
of strong electron-pair bonds between the atoms in the body- 
centered cubic form. If four valence electrons per atom are used 
for these bonds, each atom can be bonded tetrahedrally to four 
of its eight nearest neighbors. Such a structure can be described 


TABLE 5 

Radii for non-bondcd atoms with twelve like neighbors 





Ne 




1 60 

p 

S 

Cl 

A 

1 65 

1 75 

1 85 

1 92 

As 

Se 

Br 

Kr 

r? 

18 

1 9 

1 98 

Sb 

Te 

I 

Xe 

1 8 

1 95 

2 1 

2 19 

Bi 




1 85 





as consisting of two interpenetrating diamond type giant mole¬ 
cules (Cf. Cu s O, figure 7). 

Interatomic distances between non-bonded electronegative 
atoms, having complete valence shells, in crystals give us a 
measure of the distances at which the repulsions between them 
start to become appreciable. Rough values of radii obtained 
from such distances in crystals of the rare gases and of the 
layer molecule types, such as Hgl 2 (figure 9) and Cdl 2 (figure 
10),—there being twelve approximately equidistant like atoms 
surrounding each negative atom—are listed in table 5 and plotted 
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R 
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very inadequate for this purpose. The best we can do is to 
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ences are no doubt responsible for the breaks in the curves con- 



CRYSTAL STRUCTURE ANALYSIS 


447 


necting the radii in each row, but we shall for the present forego 
speculation as to their more specific interpretation. 

A metal atom radius is ordinarily about 2 or 3 per cent smaller 
if it is surrounded by only eight neighbors than if it is sur¬ 
rounded by twelve (18, 54). If the data on chromium are cor¬ 
rect, however, the difference in that case is about 8 per cent. 
This discrepancy may perhaps be attributable to the existence 
of strong electron-pair bonds between the atoms in the body- 
centered cubic form. If four valence electrons per atom are used 
for these bonds, each atom can be bonded tetrahedrally to four 
of its eight nearest neighbors. Such a structure can be described 

TABLE 5 

Radii for non-bondcd atoms with twelve like neighbors 


S Ci 

1 75 1 85 

_Se Br 

18 19 

Te _I_ 

1 95 2 1 


P 

1 65 
As 

Ti 

jSb 
1 8 

Bi 
1 85 


Ne 
1 60 

A 

1 92 

Kr 

1 98 

Xe 

2 19 


as consisting of two interpenetrating diamond type giant mole¬ 
cules (Cf. Cu 2 0, figure 7). 

Interatomic distances between non-bonded electronegative 
atoms, having complete valence shells, in crystals give us a 
measure of the distances at which the repulsions between them 
start to become appreciable. Rough values of radii obtained 
from such distances in crystals of the rare gases and of the 
layer molecule types, such as Hgl 2 (figure 9) and Cdl 2 (figure 
10),—there being twelve approximately equidistant like atoms 
surrounding each negative atom—are listed in table 5 and plotted 
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in figure 17. Similar data from crystals, such as As (figure 8) 
and Se (figure 11), in which each negative atom is surrounded by 
six others, show distances about 90-95 per cent of those given. 

It is usually assumed, apparently justifiably, that the repulsion 
between two negative ions becomes of importance at a distance 
equal to the sum of their ionic radii. A comparison of tables 2 
and 5 or of figures 15 and 17 shows that although the ionic radii 



Fig. 17. Standard Radii for Non-bonded Atoms with Twelve Like Neighbors 

(for negative ions) and the non-bonded atom radii are of the same 
order of magnitude, they change oppositely as one proceeds 
along a row of the Periodic Table. 

STRUCTURE PRINCIPLES IN IONIC CRYSTALS (14, 15, 17, 20, 21) 

Insofar as is permitted by structural limitations (depending on 
the relative numbers of the different kinds of atoms necessary for 
neutrality and their relative radii) it has been found, as would be 
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expected from potential theory, that ions with unlike charges 
tend to be close together, at distances approximating the sum of 
their ionic radii, while ions with like charges tend to be as far 
apart as possible. Thus one always finds positive ions sur¬ 
rounded by negative and vice versa; moreover, other require¬ 
ments permitting, a structure in which two positive ions are mutu¬ 
ally bonded to but one negative ion (A, figure 18) is preferred to 
one in which the two positive ions are mutually bonded to two or 
three negative ions (B and C, figure 18). This relationship is 
similar to that between single, double, and triple bonds in organic 
molecules. 

In crystals containing positive ions with different charges, 
one finds, in agreement with calculations of potentials, arrange¬ 
ments in which each negative ion is bonded to both kinds of ca¬ 
tions rather than some exclusively to one and others exclusively 

<C> *0* 

ABC 

Fig 18 . Illustrating the Sharing of One, Two, or Three Anions by Two 

Cations, Corresponding to the Sharing of Corners, Edges, and Faces 
of the Anion Polyhedra (Pauling) 

to the other kind. Thus in Mg 2 Si0 4 , which we may for this pur¬ 
pose consider as a purely ionic crystal, each oxygen atom is sur¬ 
rounded by one silicon and three magnesium atoms, rather than 
some only by magnesium atoms and some only by silicon atoms. 

A further deduction from potential theory, necessarily correct 
if all anions in a crystal have like charges and are similarly 
surrounded, and usually so in other ionic crystals, is Paul¬ 
ing’s “electrostatic valence principle” (20), which states that 
the charge of an anion tends to be equalled by the sum of the 

( C ^. ar - e -.— ) ratios for the surrounding cations. 

\coordmation number/ 

Although of most importance in ionic crystals, these same con¬ 
siderations, limited by the requirements of bond formation, are 
also applicable to other crystals containing more than one kind of 
atom, due to differences in degree of “electropositivity” or “elec- 
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tronegativity” and in many cases, as probably in the MgjSiCh 
example given in the second paragraph above, to a mixed ionic 
and non-ionic character of the bonds. 

THE RADIUS-RATIO EFFECT. CLOSE-PACKING 

The ratios AB/BB for cubic, octahedral, and tetrahedral ar¬ 
rangements of B atoms around an A atom are 0.866, 0.707, and 
0.613 respectively. If the ratio of the distance between A and 
B atoms for stable bonding (e.g., the sum of the A and B radii 
from table 1 for electron-pair binding or from table 2 for ionic 
binding, in appropriate structures) to the distance between two 
B atoms at which repulsion between them begins to be consider¬ 
able (e.g., twice the B radius from table 2 if B is a negative ion 
or twice that from table 5 if B is an uncharged atom) is less than 
0.866, the cubic arrangement is less stable than the octahedral, 
provided other factors can be neglected. If this ratio is less than 
0.707, the octahedral arrangement is less stable than the tetrahe¬ 
dral. This idea, first expressed by Cuy (22), has been used by 
him and others (14, 15, 17, 23) to account for the coordination 
numbers of different ions, the relative stabilities of different 
types of structure for simple salts, and certain relationships be¬ 
tween structure and properties such as melting and boiling points, 
heats of fusion, etc. It ought to be mentioned, however, that 
some of the phenomena which have been attributed to the radius- 
ratio effect are probably, in part at least, due to other influences. 
For instance, the tetrahedral structures found for many com¬ 
pounds may be attributed either to this effect or to the possibility 
of four tetrahedral bonds around each atom in such structures but 
not in arrangements like that in NaCl. Similarly the existence 
of four oxygen atoms arranged tetrahedrally around each silicon 
atom in the silicates can be the result either of electron-pair 
bonding or of a small radius-ratio, with ionic bonding. Probably 
both factors are of importance, there being some ionic and some 
electron-pair character to each bond. Another point often ne¬ 
glected is that in the ZnS, ZnO, and NaCl structures, like atoms 
are in a close-packed array, each equidistant from twelve, whereas 
in the CsCl type each atom has but six atoms of the same kind 
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sunrntf&ding it. This is a further reason for the fact that very- 
few A® Compounds have the last arrangement. 

Partly, no doubt, because the mutual repulsions between elec¬ 
tronegative atoms or ions become great at distances which are 
relatively large compared with the usual distances between atoms 
of opposite electrochemical nature, a great many compounds 
whose crystal structures are known (for instance, those of the 
NaCl, ZnS, ZnO, NiAs, Li 2 0, Cdl„ CdCl 2 , Hgl„ Snl 4 , A1 2 0 3 , and 
MgAl 2 0 4 types and many silicates) have arrangements of these 
negative atoms or ions which at least approximate a close-packed 
assemblage. The more positive atoms or ions then fit into the 
interstices in such a way as to satisfy best the various other 
requirements and tendencies which have been mentioned. 

Similar reasoning accounts for the fact that most metals 
crystallize in a close-packed structure, whether the electrons be 
considered as small mobile negative ions in a regular lattice ar¬ 
rangement or as forming some sort of weak bonds between the 
atoms. (The valence forces must be so distributed as to play 
only a minor role in determining the atomic arrangement (cf. 
reference 5).) 


THE STRUCTURES OF SILICATES (24) 

The close-packing generalization mentioned above has proved 
to be of great value in working out structures of complicated 
crystals, especially the silicates. These substances, whose chem¬ 
istry and structural relationships a few years ago were probably 
the least well understood of all large classes of inorganic com¬ 
pounds, are now among those best understood, at least as far as 
their structures and the reasons for them are concerned, thanks to 
the work of W. L. Bragg, Pauling, and others. The strongest 
attractive forces are undoubtedly those between silicon and oxy¬ 
gen atoms. The latter are always found tetrahedrally around the 
former, satisfying both radius-ratio requirements and the re¬ 
quirements for tetrahedral bonds. (As already stated, the bonds 
are probably only partially ionic.) In orthosilicates, with an 
oxygen to silicon ratio of 4, these Si0 4 ~ 4 groups are linked together 
only through other metals. If the oxygen/silicon ratio is 3.5, 
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two such groups have one oxygen in common, producing SisO? -6 
groups; if the ratio is 3, two oxygens of each Si0 4 must be shared 
with others, giving Si 3 0 9 _6 or Si 6 0i 8 “ 12 rings or (SiOs -2 )* strings, 
extending completely through the crystal. If the ratio is 2.75, 
half of the Si0 4 groups contain two shared oxygens and half three, 
a more complex chain having the composition (ShOu - *)*, giving 
this result. Layer molecules (or rather ions) of composition 
(Si 4 Oio~“)x, in which three of each four Si0 4 oxygens are shared, 
are found in the micas, with a ratio of oxygen to silicon of 2.5. 
In the various forms of Si0 2 all of the oxygen atoms are shared 
by two silicon atoms, producing a three-dimensional network 
filling the entire crystal. The charges on silicon-oxygen groups, 
chains, and layers are neutralized by other positive ions, placed, 
usually in the centers of octahedra or tetrahedra of oxygens, in 
accordance with the principles already outlined. 

HYDROGEN BONDS 

The structure of ice is one in which each oxygen atom is sur¬ 
rounded by four others at tetrahedron corners. Various con¬ 
siderations lead to the conclusion that the hydrogen nuclei are on 
the centerlines between adjacent oxygen atoms and midway be¬ 
tween them. According to the new quantum mechanics each 
hydrogen can be bonded by electron-pair bonds to but one other 
atom at any given instant; there would however be ionic or po¬ 
larization forces of considerable magnitude between a hydrogen so 
bonded and another neighboring oxygen, and one might expect 
frequent or continuous interchange of the ionic and electron-pair 
bonds (resonance). Such a pair of bonds, in which a hydrogen 
atom serves to hold two electronegative atoms together, was 
postulated some years ago by the writer (25) and by Latimer and 
Rodebush (26) in order to account for various physical and chemi¬ 
cal facts. Essentially this same idea, expressed in terms of 
Werner’s theory of secondary valence rather than in terms of 
electron-pairs, was previously employed by Moore and Winmill 
(55) and by Pfeiffer (56) to explain the experimental behavior of 
certain organic compounds. Crystal structure studies point defi¬ 
nitely A to the existence of such “hydrogen bonds” not only in ice but 
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also in crystals of NaHF 2) KHF 2 , KH 2 P0 4 , FeH0 2 (7), H 4 Mg 3 Si 2 0 9 
(50), H*KIAl 4 Si 2 ()i 2 (51), and a number of other compounds. 
Similar bends are probably of quite common occurrence out¬ 
side of crystals, in NH 4 OH and in liquid water, for instance, 
being in part responsible for the peculiar solvent and dissociat¬ 
ing properties of the latter (cf. reference 52). They might also 
be expected to be formed temporarily during the progress of 
many reactions, such as those between acids and organic or in¬ 
organic bases. 

ROTATION OF MOLECULES, IONS, AND OTHER ATOMIC GROUPS IN 
CRYSTALS AND GLASSES 

It has been suggested that in such crystals as those of solid 
HjS and HC1 (figure 3) the hydrogen atoms or ions are symmetri¬ 
cally situated with respect to four or more of the negative atoms 
or ions. It is more likely, however, that these crystals are com¬ 
posed of molecular units in free rotation with respect to each 
other. 

This idea of molecular rotation in the solid state (27, 28) 
has proven useful in accounting for an apparent symmetry higher 
than that to be expected of any reasonable arrangement of atoms 
in such crystals as NH 4 C1, in which the NH 4 + ion rotates, 
Ni(NH,) 6 Cl 2 and KA1(S0 4 ) 2 -12H 2 0, in which the NH 3 and H 2 0 
groups (six around each metal ion) rotate, and in C 6 H.,NH 3 C1, 
in w T hich zigzag C 6 Hn groups rotate about the chain axis (29). 
It is to be expected that many more examples of this phenomenon 
will be found among molecules or atomic groups in organic crys¬ 
tals. (Cf. reference 27, footnote 25.) 

The rather sharp changes of specific heat and some other 
properties of glasses at temperatures somewhat below their sof¬ 
tening ranges (30) are probably also to be explained as due to the 
start of rotational motion of the molecules or of atomic groups, 
while the relative arrangement of these molecules or groups as a 
whole remains fixed. Although this arrangement is in one sense 
“random,” intermolecular forces at the time of solidification must 
be such as to make the immediate surroundings of all or most of 
the molecules or of like atomic groups very similar, in many cases 
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probably reproducing the crystalline arrangement in small re¬ 
gions of the glass (31). As a result the forces tending to prevent 
rotation of the molecules or atomic groups are nearly the same 
throughout the mass and so their individual “melting points,” 
corresponding to the start of rotation for each molecule or group 
of atoms, do not differ much and the transition takes place within 
a fairly narrow temperature interval. 

The gradual transition (32) in sodium nitrate crystals at about 
275°C. is probably due to rotation of the N0 3 ~ ions about the 
trigonal axes. A somewhat similar transition might also be 
expected at much lower temperatures, if Pauling’s suggestion (7) 
of a pyramidal nitrate group is correct, the nitrogen remaining on 
one side of the 0 3 plane at temperatures below the transition but 
oscillating through that plane at higher temperatures. Similar 
transitions would of course be expected in calcite, CaC0 3 , which 
has the same type of structure. 

A comparable state of affairs may exist in the benzene ring 
(33). It would seem likely that the most stable static arrange¬ 
ment of carbon atoms is a slightly puckered one. Except at very 
low temperatures, however, one would expect rapid reversal of 
the puckering at a rate corresponding to a natural oscillation 
frequency of the molecule. A plane ring would thus be simulated, 
accounting for the conclusions reached by various observers 
from comparisons of predicted and observed isomers and from 
x-ray data. 

PREFERRED ORIENTATIONS. RESIDUAL AFFINITIES 

Studies of crystal structures, especially those of organic com¬ 
pounds, are providing much new knowledge of the “residual” 
forces between atoms and molecules,—those forces other than 
attractions and repulsions between charged ions and the forces 
which produce electron-pair bonds. From the arrangements of 
atoms within molecules in crystals can be deduced certain facts 
regarding which of various relative orientations, all satisfying 
primary valence requirements, is the -preferred one. From the 
relations between the orientations of different molecules certain 
conclusions can be drawn relative to intermolecular forces. It 
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must be resized of course that the arrangements observed are 
those whiefcflteatisfy best both inter- and intramolecular forces, 
and both mdt be considered in making deductions from experi¬ 
mentally deHrmined structures. 

In 1922 Bfcily (34) and the writer (35) independently arrived 
at the condition that the alternation in melting points and other 
properties sh&wn by long chain compounds was due not to an 
alternation in polarity of the carbon atoms, as had previously 
been suggested, but to the repulsion between the hydrogen nuclei 
of adjacent CH* groups, this repulsion making a zigzag arrange¬ 
ment a preferred one. In other words, even through the rota¬ 
tion about each single bond is sufficiently “free” in the liquid or 
gaseous state to prevent the isolation of isomers, the residual 
forces between atoms make certain orientations slightly more 
stable than others. On the average, a liquid composed of long 
CH* cheats would be expected to have the hydrogens of one CH 2 
group on the opposite side of the chain from the hydrogens of the 
adjacent CH 2 groups more often than on the same side, and the 
same forces might be expected to maintain zigzag arrangements 
of this sort in crystals. A molecule having an odd number of 
carbon atoms would then have the end carbons on the same side 
of the drain axis, while one having an even number of carbon 
atoms would have the end carbons on opposite sides of the axis. 
This should result in differences between the intermolecular 
forces for the two types and so different crystal properties. Such 
conclusions have been completely verified by the structure 
analyses. (See, for instance, references 36 and 37.) 

With respect to the way in which molecules pack together in 
crystals, only two points will be mentioned: (1) they tend to 
pack as closely as possible, leaving no large spaces between; 
and (#) electronegative parts of one molecule tend to be close to 
electropositive parts of others. This is due usually to the at¬ 
tractions of hydrogen nuclei, especially those attached to the more 
negative elements nitrogen and oxygen rather than those bonded 
to carbon, for the electronegative portions (the lone electron- 
pairs) of nitrogen, oxygen, chlorine, etc. In some instances, as 
probably in the carboxylic acids, in which the carboxyl groups of 
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different molecules are adjacent, in quinol, p-C 6 H 4 (OH) 2 (38), 
in which the hydroxyl groups of different molecules are adjacent, 
and in (C6H 6 CH 2 )3NHC1 (38), in which hydrogens are between 
neighboring nitrogen and chlorine atoms, hydrogen bonds are 
probably formed; in others the C-H or N-H or O-H bonds may 
be merely “pointing” toward neighboring electronegative atoms. 

DOUBLE AND TRIPLE BONDS AND BONDS OP MIXED TYPES 

Crystal structure studies of carbon, nitrogen, and oxygen com¬ 
pounds supposed to contain double or triple bonds are in agree¬ 
ment with the supposition that they consist of two or three elec¬ 
tron-pairs shared between two atoms, with interatomic distances 
somewhat less than distances for single bonds between the same 
kinds of atoms (10, 13, 57). Thus in complex cyanides such as 
K 2 Zn(CN) 4 the carbon and nitrogen centers are all on axes going 
through the centers of the zinc atoms, as would be expected of 
the electron distribution 

Zn : C N : 

Incidentally, in KCN the units are K+ and (CN) - , each ion being 
surrounded by six of the other kind as in NaCl (figure 3). (The 
tautomerism of HCN involves merely the removal of a proton, 
H + , from one end of the ion and the addition of one to the other 
end, without any making or breaking of bonds between carbon 
and nitrogen.) Metal carbides such as CaC 2 have similarly been 
found (39) to contain C 2 ~ ~ ions, presumably having the structure 

: C V: C : 

In KN 3 , NaN 3 , KNCO, and CaCN 2 the three atoms composing 
each negative ion are all in a straight line, the two end atoms 
being equivalent, insofar as could be determined by the x-ray 
methods used. The electron structures in best agreement with 
these facts 2 are 

:n :: n :: n: ;n :: co': ;n :: c:: n: 


! Calculations from band spectra (53) show that the N 2 0 molecule is linear and 
slightly unsymmetrical, in agreement with an electron distribution like that given 
above for the N s ~, NOO~ and NCN-ions. 
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but it appeals likely that there is resonance between these struc¬ 
tures and the corresponding structures containing single and 
triple bonds (57). (In these formulas the + and — signs indicate 
the formal charges.) 

In urea, O—-CfNIDs, all of the atoms except hydrogen lie on 
one plane of symmetry, the carbon and oxygen centers being on 
the line of intersection of two planes. This symmetry and the 
interatomic distances deduced are in agreement with the struc¬ 
ture represented by the usual formula, with or without resonance 
between that and the structure 


0-C 




nh 2 


\ 

nh 2 


Crystals of carbon oxysulfide (40) contain molecular units in 
which the three atoms are colinear. The parameters as deter¬ 
mined favor the electron distribution 


:6 ;c-S: 

rather than 

;‘0 :: C :: S) 

in agreement with Lewis’ generalization that elements other than 
those in the first row of the Periodic Table rarely form true 
double bonds (reference 6, p. 94). The evidence, however, is cer¬ 
tainly not conclusive and there may be resonance between the 
two structures. 

The writer for a long time considered that in calcite the three¬ 
fold axis of symmetry passing through each carbon atom and the 
twofold axis passing through each oxygen and its carbon neighbor 
is evidence for the existence of thi;ee double bonds joining each 
carbon atom to the surrounding oxygen atoms. Since, however, 
the wave mechanics does not permit more than four electron- 
pairs in the L shell of an atom, that possibility seems to be elimi¬ 
nated. Let us list the alternatives: 3 

3 The last two alternatives (3 and 4) were suggested to the writer by Pauling. 
The pyramidal character of the second alternative is also due to him (7). 
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(1) The bonds are all ionic. In view of the nllfcpolarity of 

other carbon compounds and the small (C-0) diltence (about 
1.25A.), this does not seem likely. *■ 

(2) The bonds are all single bonds involving threfcf* eigenfunc¬ 
tions of the carbon atom. This would give a pyrimidal group. 
The observed symmetry would not disagree with thltfif the carbon 
atoms oscillated back and forth through the os#%en plane, as 
already mentioned. 

(S) One oxygen is held by a double bond and the others by 
single bonds, these bonds frequently or continuously becoming 
interchanged owing to the resonance phenomenon. 

(4) Combinations of the above, the actual state erf affairs being 
describable as a mixture of all three. 3 This seems to be the best 
solution of the problem. 

All that has been said above about C0 3 applies equally to 
N0 3 ~, NaN0 3 having the same structure as CaCO#. (calcite), 
as previously mentioned. The nature of the bonds ip solution 
and in other crystals containing these ions remains undetermined. 

The CaC0 3 and NaN0 3 , structures, together with certain other 
considerations, led the writer to consider for some time that in 
a —C0 2 _ or —N0 2 group both carbon-oxygen or nitrogep-oxygen 
linkages are double bonds, the carbon and nitrogen atoms then 
having five electron-pairs in their valence shells. It now seems 
more probable that these are further examples of the sortnof reso¬ 
nance, involving an interchange between single and double bonds, 
just suggested for the carbonate and nitrate ions. The inter¬ 
change would of course be stopped if the environment became 
sufficiently unsymmetrical, perhaps, for instance, by the,, addi¬ 



tion of a proton to RC0 2 ~ to give RC . On the ether 

^-OH 

hand, the hydrogen may be held jointly by the two oxygen atoms 
or may frequently pass from one to the other with an interchapge 
of the single and double bonds. In such cases as these it looks 
very much as if we must give up the idea that a molecule can be 
represented adequately by a single structural formula of the 
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usual type. The new quantum mechanics teaches us that the 
atomic interactions may be such as to give a single structure the 
characteristics represented by two or more formulas at one and 
the same time. 

SOLID SOLUTIONS. INTERMETALIJC COMPOUNDS 

Atoms or ions in a crystal can frequently be in part replaced, 
in a random manner, by atoms or ions of another kind, without 
altering the structure except for slight changes, approximately 
proportional to the amount of replacement, in dimensions. (See, 
for instance, reference 41.) The chief requirements seem to be 
that the replaced and replacing atoms or ions have the same val¬ 
ence and nearly the same size. The former requirement is some¬ 
times waived (42) if other replacements, in equivalent amount, 
involving valence changes in the opposite direction take place at 
the same time; also in metallic crystals the valence seems to be 
of secondary importance. 

Many examples are known of a complete series of solid solu¬ 
tions, all with the same type of structure, extending from one 
pure compound to another. There are also many cases of sta¬ 
bility of a particular structure type over only a limited range of 
composition. By extrapolation of the dimensions-composition 
curves however, the dimensions of unstable phases can sometimes 
be obtained. For example, the dimensions which pure silver 
iodide would have if it could be obtained with a sodium chloride 
type of structure can be calculated from the dimensions of a 
series of AgBr-AgI solid solutions having that structure (43). 

Additional atoms, usually of a “foreign” element, or sometimes 
even groups, as of H 2 0 in the zeolites, can sometimes occupy 
places (“holes”) in a crystal structure, the lattice being thereby 
expanded. A classical example is that of hydrogen in palladium. 
Carbon and nitrogen also seem to be small enough to enter spaces 
in metal crystals in this way, with or without the formation of 
definite compounds (44). Whether or not definite chemical 
bonds are produced, it is probable that each carbon or nitrogen 
completes an eight electron valence shell, the required extra 
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electrons being obtained from the valence electrons of the other 
atoms present. 

Although we shall not enter into a detailed discussion of the 
structures of intermetallic compounds, one very interesting rela¬ 
tionship may be mentioned (45, 46). The ratio of the number of 
valence electrons to the number of metal atoms is found to be 
the same (3:2) for a number of intermetallic compounds having 
a body-centered cubic arrangement of atomic centers (figure 2), 
neglecting differences in kind. Similarly for some other struc¬ 
ture types, constant ratios of this sort have been discovered. 
This ratio therefore seems to be an important factor in determin¬ 
ing both the compositions of intermetallic compounds and the 
types of structure assumed by them. Its existence has been 
taken as evidence in favor of the “electron lattice” theory of 
metals (47, 48). Alternative explanations are, however, possible. 
For instance, the stability of the body-centered structure when the 
valence electron to atom ratio is 3 to 2 may be attributed to the 
possibility of each atom being joined by three single-electron 
bonds (cf. Pauling, reference 4), making 90° angles with each 
other, to three of its six neighbors (not the nearest) at a distance 
a (equal to the edge of the cube) away. 

Similar considerations, either of electron lattices or of weak 
interatomic bonding, are without doubt also of importance in 
determining the structure types assumed by pure metals. It may 
be noted that Slater (5) has concluded from quantum mechanical 
considerations that in metals “the forces in general are of the 
same nature as those met in ordinary homopolar binding .... 
except that the purely electrostatic force from penetration of 
one atom by another is relatively more important, the valence 
effect from the exchange of electrons relatively less important, 
than in diatomic molecules.” He further concludes that the 
number of “free” electrons “is rather small compared with the 
number of atoms.” (Cf. also Bernal, reference 49.) 

SUMMARY 

Attractive forces between atoms in crystals may be classified 
as valence, ionic, metallic, or residual forces. Considering as 
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belonging to a single molecule all atoms which are linked together 
by valence forces, the whole crystal may be a single giant mole¬ 
cule or it may consist of two interlocking molecules, of many 
parallel layer molecules (held together by non-valence forces), 
of many parallel string molecules, or of small formula molecules. 
Ions may be similarly classified. 

Lewis’ theory of electron-pair sharing and the completion 
of tetrahedral valence shells for electronegative atoms has re¬ 
ceived abundant confirmation from crystal structure results, as 
have the deductions of Pauling from wave mechanics regarding 
favored bond directions around certain metal atoms, producing, 
for instance, a square arrangement around bivalent nickel, pal¬ 
ladium, or platinum atoms. 

Relationships between non-polar valence numbers, polar va¬ 
lence numbers, numbers of shared electron-pairs, and formal 
charges, holding equally for molecules, ions, and crystals, have 
been stated. The nature of secondary valence, no longer a 
mystery, has been discussed. The nature of the forces between 
atoms—whether valence or ionic (including polarization)—can 
in many cases be definitely determined, Pauling’s magnetic cri¬ 
terion and one proposed by the writer, based on calculated inter¬ 
atomic distances, being of use in this connection. 

Standard radii, for use where the atoms are held together prin¬ 
cipally by one or another of the types of force mentioned above, 
have been listed and plotted. 

The more important principles determining the structure types 
assumed by different substances have been briefly discussed. 

The structures of silicates, hydrogen bonds, the rotation of 
molecules, ions, and atomic groups in crystals and glasses, pre¬ 
ferred orientations and residual affinities of organic molecules, 
double and triple bonds, bonds of mixed types, solid solutions, 
and intermetallic compounds are among the special topics dis¬ 
cussed. 

In conclusion the writer wishes to express his indebtedness to 
Professor Linus Pauling of the California Institute of Technology 
for a number of very helpful discussions of some of the subjects 
dealt with in this paper. 
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I. INTRODUCTION 

Ethyl alcohol is capable of undergoing several of the general 
types of reaction under a variety of conditions. Partial dehydra¬ 
tion with the formation of ethyl ether is one of the simplest reac¬ 
tions, while complete dehydration produces ethylene. 

2 C 2 H s OH - (C 2 H 6 ) 2 0 + H 2 0 

c 2 h 6 oh - c 2 h, + h 2 o 

Ethyl alcohol is also readily dehydrogenated to acetaldehyde 
and possibly to a ketene under certain influences. 

C 2 H„OH = CHsCHO + H 2 
C 2 H s OH = CH 2 CO + 2H, 

465 
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The oxidation reaction produces a variety of products involving, 
in the initial stages, acetaldehyde and acetic acid, while under 
more vigorous conditions several other products are possible, 
with carbon dioxide and water being the ultimate products of 
complete oxidation. 

2 C 2 H 6 OH + 0 2 = 2 CH s CHO + 2 H 2 0 
C 2 H 5 OH + 0 2 = CH s COOH + H 2 0 
C 2 H 6 OH + 3 0 2 = 2 CO a + 3 H 2 0 

The majority of these reactions have been fairly well inves¬ 
tigated, but certain problems remain to be solved and many other 
variations in reaction conditions are yet to be studied. This 
review of the literature on the subject of these reactions will serve 
as an indication of the work that has already been completed, and 
perchance will also point the way to other interesting researches. 

II. THE DECOMPOSITION OF ETHYL ALCOHOL 

1. Pyrolysis 

The simplest method of decomposing ethyl alcohol involves 
the passage of vapor through heated tubes. In early researches 
Berthelot (12) noted the occurrence of acetylene among the prod¬ 
ucts of the thermal decomposition of ethyl alcohol. Somewhat 
later he reported (14a) that at around 500°C. in a glass tube, 
alcohol was decomposed in two ways; dehydration with the for¬ 
mation of ethylene and water, and dehydrogenation yielding acet¬ 
aldehyde and hydrogen. Further decomposition of these prod¬ 
ucts, involving polymerization and decomposition of ethylene 
and partition of the aldehyde into methane and carbon monoxide, 
resulted in complex secondary reactions. 

Maquenne (66) made a more detailed study of these reactions 
and compared results at dull red and at bright red heat as shown 
in table 1. It will be observed that ethane is present in consider¬ 
able quantities; most of the subsequent observers reported me¬ 
thane as the main saturated hydrocarbon. 

Nef (78) studied the thermal decomposition in the range from 
590° to 640°C. and found both hydrogen and ethylene to be the 
main products. Acetaldehyde and crotonaldehyde were identi¬ 
fied by their odor. The gaseous products also contained consid¬ 
erable quantities of carbon monoxide and methane; this indi- 
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cated a dehydrogenating action followed by a secondary decom¬ 
position of the aldehyde. The ratio of ethylene to hydrogen in¬ 
dicated that the dehydration reaction was considerably less than 
dehydrogenation. 

Ipatiev (51) observed that the passage of alcohol through a 
glass tube heated at 660-700°C. induced practically no reaction, 
but the utilization of an iron tube at 710-750°C. gave a variety of 
products which included acetaldehyde, paraldehyde, hydrogen, 
carbon monoxide, methane, and 3 per cent of carbon. A later 
paper (52) discussed the dehydrating and dehydrogenating reac¬ 
tions and observed that the secondary decomposition of ace¬ 
taldehyde increased with a rise in temperature. The passage 
of alcohol through a glass tube at 800-830°C. indicated that only 


TABLE 1 
Pyrolysis of alcohol 


PRODUCTS 

DULL RED 

HEAT 

BRIGHT RED 
HEAT 

Carbon dioxide 

per cent 

0 5 

per cent 

0 5 

Carbon monoxide 

22 1 

26 4 

Unsaturated 

23 5 

13 7 

Ethane 

13 8 

13 6 

Hydrogen . ... 

40 1 

45 8 


20 per cent of the reactant formed ethylene and the remaining 
80 per cent was dehydrogenated, while one-third of the aldehyde 
produced was further decomposed. When a platinum tube was 
employed the decomposition occurred at a much lower tempera¬ 
ture, and over 85 per cent of the alcohol reacted to form hydrogen 
and acetaldehyde, the latter being almost completely decomposed 
to methane and carbon monoxide. 

A more recent paper by Peytral (84) indicated that the passage 
of alcohol through a platinum tube at 1150°C. induced 70 per 
cent dehydrogenation and 30 per cent dehydration. 

2. Catalytic decomposition 

The decomposition of ethyl alcohol at high temperatures in the 
presence of various catalysts has been carefully investigated. 
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Greene (48) found that if alcohol was dropped on hot zinc chlo¬ 
ride the products were numerous and varied. In addition to 
hydrogen chloride, several other substances were identified, in¬ 
cluding ethylene, ethane, hydrogen, water, acetaldehyde, and 
ethyl ether. Oils which were attributed to the polymerization of 
ethylene were also obtained. Hydrogen and ethylene were pres¬ 
ent in nearly corresponding quantities. The ether was formed by 
dehydration, but no suggestion was advanced for the source of 
the ethane. 

In 1880 Jahn (58) found that the products obtained on passing 
alcohol over zinc dust at dull red heat were almost exclusively 
hydrogen, methane, and carbon monoxide. However, at a tem¬ 
perature of 300-350°C. the products included both hydrogen and 
ethylene. Somewhat later Keiser and Breed (60) stated that 
magnesium and iron glowed when heated in alcohol vapor. In 
both cases a large volume of gas was produced which consisted 
of 11 per cent of methane, 0.5 per cent of carbon monoxide, 14 
per cent of unsaturated hydrocarbons, and 73 per cent of hydro¬ 
gen when magnesium was used. With heated iron the products 
included 8 per cent of carbon monoxide, 13 per cent of methane, 
0.5 per cent of carbon dioxide, 4.0 per cent of unsaturated hy¬ 
drocarbons, and 63.8 per cent of hydrogen. 

Ipatiev (52), continuing his work on the thermal decompo¬ 
sition of ethyl alcohol, observed that the presence of zinc in the 
reaction tubes lowered the temperature necessary for decompo¬ 
sition. The ratio of ethylene to aldehyde varied with the amount 
of zinc employed. Rods of zinc at 620-650°C. produced very 
little ethylene but about 80 per cent of aldehyde which was prac¬ 
tically undecomposed. With zinc dust at 550°C. the dehydra¬ 
tion and dehydrogenation reactions were about equal, with some 
of the water produced by the former decomposing to increase 
the hydrogen content of the exit gas. Brass containing 33 per 
cent of zinc gave results very similar to the zinc rod. 

The utilization of graphite as the catalyst made the reaction 
proceed almost completely to the formation of unsaturated hydro¬ 
carbons with ethylene produced only in small quantities (53). 
Ipatiev (54) also reported that the passage of alcohol through a 
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glass or copper tube filled with powdered graphite or silica at 
600°C. induced practically no reaction, but that the presence of 
alumina, which acted as a powerful catalyst, promoted the forma¬ 
tion of ethylene in large quantities, giving a 98 per cent yield at 
350°C. Platinum at 610-630°C. acted quite differently, decom¬ 
posing only about 23 per cent of the alcohol of which 17 per cent 
formed acetaldehyde while the remaining 6 per cent was dehy¬ 
drated; practically all of the aldehyde was further decomposed. 
Metallic copper was unsatisfactory, but finely divided copper, 
which had been freshly reduced by alcohol, dehydrogenated 10 
per cent of the alcohol at 620°C. Lead and nickel oxides behaved 
in a similar manner. Metallic zinc became active at 620°C. 
and at 540-550°C. it dehydrogenated the alcohol almost com¬ 
pletely, the production of ethylene being negligible. The use of 
china clay at 500°C. converted the alcohol completely to ethylene 
(55). 

Ehrenfeld (33) investigated the decomposition of alcohol at high 
temperatures over carbon, aluminum, and magnesium. He found 
that when alcohol vapor is passed over carbon, heated to dull 
redness, it is decomposed into equal volumes of methane, carbon 
monoxide, and hydrogen. At a lower temperature ethane is 
obtained; this he believed to be a primary product. Over alu¬ 
minum the products are ethylene and water, the latter producing 
hydrogen at dull red heat. At lower temperatures there is also 
an indication of dehydrogenation, while at bright red heat this is 
the predominating reaction. At yellow heat there commenced 
the secondary decomposition of carbon monoxide, but ethylene 
and water were still evident in the products, together with hydro¬ 
gen, methane, and carbon monoxide. Ipatiev (56) called atten¬ 
tion to the fact that Ehrenfeld was not the first to use aluminum 
as a dehydrating agent. Ehrenfeld also reported that magne¬ 
sium behaved very much like aluminum with an increase in the 
production of hydrogen. From this work he concluded that the 
relative proportions of reactions depended upon the specific 
nature of the substance over which the alcohol was passed. 

A much more recent paper by Ipatiev and Kluikvin (57) dis¬ 
cussed the simultaneous catalytic action of iron and aluminum 
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at high temperatures and pressures. They reported that the 
heating of alcohol to 530-540°C. for six hours produced a variety 
of compounds, including polymerized ethylene, ketones, and alde¬ 
hydes, as well as 16-20 per cent of carbon dioxide. 

Prior to the thorough investigations of the catalytic decompo¬ 
sition of ethyl alcohol at relatively low temperatures, several in¬ 
vestigators reported on the action of metals and their compounds 
upon alcohol. Deville and Debray (29) studied the action of 
rhodium, iridium, and ruthenium in the presence of an alkali, and 
found hydrogen and an acetate to be the products. In 1876 
Gladstone and Tribe (45) stated that aluminum has no effect 
upon alcohol even when the two are boiled together for some hours. 
However, the addition of iodine gave hydrogen and aluminum 
ethylate which on heating decomposed to alumina, alcohol, and 
some ethylene. 

Simon (100) noted the production of alcoholates when ethyl 
alcohol was treated with lithium or magnesium chlorides. About 
the same time Destrem (28) reported that barium oxide and 
calcium oxide combined with ethyl alcohol when heated up to 
275°C., but that at 300°C. decomposition occurred with the ba¬ 
rium oxide producing equal volumes of hydrogen and ethylene. 
In the case of lime no hydrocarbon was produced but a light liquid 
with an aromatic odor was recovered.^ Forcrand (41) investi¬ 
gated the action of alcohol on calcium carbide at 180°C. and noted 
acetylene, methane, and ethylene as well as calcium ethoxide to 
be the products. 

The rigorous investigations of the influence of metallic catalysts 
upon ethyl alcohol date from the researches of Sabatier and co¬ 
workers. This work has been summarized in Sabatier’s treatise 
(94) and will not be discussed further, except to show the action 
of metallic catalysts. These results are presented in table 2, 
given by Rideal and Taylor (92) and summarizing work of Saba¬ 
tier and Mailhe. The figures refer to the percentage of ethylene 
in the ethylene-hydrogen mixture produced by the passage of 
alcohol vapor over the catalyst mass at 350°C. 

Since these classical researches, however, a great number of 
more recent results have been published to elucidate the mecha- 
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nism of catalysis, to determine optimum decomposition conditions, 
to compare catalytic activity; to examine promoter effects, and 
to study the influence of catalyst preparation upon its subsequent 
activity. Among these should be mentioned the investigations 
of Adkins and coworkers (1), Palmer and Constable (81), Arm¬ 
strong and Hilditch (3), Rideal (91), Brown and Reid (20), Al¬ 
varado (2), Cremer (27), and Engelder (34). 


TABLE 2 

Action of metallic catalysts 


CATALYST 

ETHYLENE FOHMED 


per cent 


ThO s 

100 


Ai 2 0 8 

98 5 

| Dehydration catalysts 

W 2 0 8 

98 5, 


Cr 2 0 3 . 

91 ' 


Si0 2 

84 


Ti0 2 . 

63 


BeO 

45 


Zr0 2 

45 

Mixed dehydration and dehydro- 

u 3 o 8 

24 

genation catalysts 

Mo 2 0 6 

23 


Fe 2 0 8 

14 


v 2 o 8 . 

9 


ZnO 

5 j 


Mn0 2 . 

0 ' 


SnO. . . . 

0 


CdO 

0 


MnjtO* 

0 

- Dehydrogenation catalysts 

MgO 

0 


Cu. 

0 


Ni. 

0 



It should be noted that there are two possible reactions in¬ 
volving dehydration of ethyl alcohol, the first of which yields 
ethyl ether and the second ethylene. While ether is readily 
produced with metallic catalysts under certain conditions, it is 
more readily prepared by the classical method of Williamson 
(113), utilizing concentrated sulfuric acid. It has also been re¬ 
ported that phosphoric and arsenic acids may be used to replace 



472 


HERBERT E. MORRIS 


sulfuric acid in this reaction (17). Many other substances have 
been suggested for the catalytic decomposition of ethyl alcohol, 
but this work has been reviewed elsewhere in detail (94). 

8. Decomposition by electrical means 

The influence of several forms of electrical discharge upon ethyl 
alcohol has been reported by various workers. The use of the 
silent electric discharge as a means of inducing reaction has been 
most widely studied in this field. In 1884 Maquenne (66) re¬ 
ported results with a variation of pressure and compared the prod¬ 
ucts obtained with those of the thermal decomposition previ¬ 
ously mentioned. The results are given in table 3. 


TABLE 3 

Decomposition of ethyl alcohol by the silent electric discharge 


PRODUCTS 

AT 2 MM 
PRESSURE 

AT 100 MM 
PRESSURE 

Carbon dioxide .... 

per cent 

2 2 

per cent 

0 5 

Carbon monoxide . 

11 0 

14 7 

Acetylene, ethylene 

14 0 

1 1 

Ethane .... 

30 1 

21 6 

Hydrogen . 

42 6 

62 1 


Berthelot (13) investigated this same phenomenon in an at¬ 
mosphere of nitrogen and found that hydrogen, carbon dioxide, 
and a solid substance with the composition CxoH 20 N 4 06, were 
the final products of the reaction. In the initial stages of the 
decomposition ethane and carbon monoxide were also formed, 
but these gradually disappeared as the reaction progressed. Lob 
checked both of these results and found in the simpler case that 
the main products, among a great variety formed, were butyric 
acid, acetaldehyde, and formaldehyde (63). In the presence of 
nitrogen he found that the silent discharge produced ammonium 
formate and hexamethylenetetramine in appreciable quantities 
(64). More recently Poma and Nesti (87) refluxed the alcohol 
through two coaxial tubes and produced the discharge between 
an internal armature of plated silver and an external net of iron. 
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In this case the gaseous products consisted of 2.2 per cent of 
carbon dioxide, 4.4 per cent of carbon monoxide, 9.0 per cent of 
ethylene and acetylene, 26.0 per cent of methane and ethane, and 
59.0 per cent of hydrogen. 

The effect of electrical oscillations upon ethyl alcohol has been 
given by de Hemptinne (50) who obtained carbon monoxide, 
carbon dioxide, hydrogen, ethane, and methane as products. 

Recent results of Muller (74) discussed the action of an elec¬ 
tric arc struck between an iron cathode and a carbon anode be¬ 
neath the surface of ethyl alcohol. One liter of alcohol was 
sparked for five hours and produced 1200 liters of gas and 108 
cc. of condensate; most of this latter was alcohol but it also con¬ 
tained 12 cc. of acetaldehyde and 2.5 cc. of acetylenes. One 
point worthy of note was the identification of a small amount of 
butadiene among these acetylenes. The products also included 
some free carbon, which could have come from the electrode, and 
a small amount of tar. An analysis of the gases produced in¬ 
dicated acetylene 7-9.9 per cent, ethylene 6-6.9 per cent, satu¬ 
rated hydrocarbons 6.8-20.4 per cent, carbon monoxide 20.4- 
23.8 per cent, and hydrogen 46.2-19.9 per cent. Fowler and 
Mardles (42) investigated the passage of an electric discharge 
which took the form of a hissing flame through alcohol in the 
vapor state. These workers identified hydrogen, methane, ace¬ 
tylene, and other unsaturated hydrocarbons, along with traces of 
carbon, as the products of this reaction. 

Berthelot and Gaudechon (14) found that ethyl alcohol in 
quartz tubes was decomposed by radiations from an unscreened 
mercury vapor lamp, while somewhat similarly Bates and Taylor 
(10) worked out the action of excited mercury atoms on alcohol. 
The decomposition proceeded by way of the intermediate forma¬ 
tion of acetaldehyde, indicating that the final products would 
include hydrogen, carbon monoxide, and methane. 

A study by Moens and Juliard (71), of chemical reactions in 
the gaseous phase under the influence of high frequency electro¬ 
magnetic fields, revealed the fact that ethyl alcohol was readily 
decomposed. 

From these results of various workers it may be seen that the 
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reactions induced in ethyl alcohol by heat or physical phenomena 
are both dehydrogenating with the formation of hydrogen and 
acetaldehyde, and dehydrating with the production of ethylene 
and water. In a large number of cases these initial derivatives 
undergo secondary reactions with the formation of various prod¬ 
ucts. A large number of derivatives have been reported which 
would not be expected from the known reactions of ethyl alcohol, 
and in the majority of cases their origin is unexplained. 

III. THE CATALYTIC OXIDATION OF ETHYL ALCOHOL 

There are three general methods of oxidizing alcohol catalytic- 
ally and two other methods which have been suggested which 
probably owe their activity to catalytic influences. 

The oxidation of ethyl alcohol by the action of enzymes is well 
known, while the catalytic activity of various metals in promot¬ 
ing the air oxidation of alcohol, and the photochemical auto¬ 
oxidation of alcohol in a homogeneous system by organic com¬ 
pounds have also been investigated. 

The other two methods involving electrolytic oxidation and 
oxidation by means of ozone have been studied with and without 
catalysts, and it seems quite probable that catalytic influences are 
at work in both cases. 

1. Enzymatic oxidation 

The action of enzymes in the oxidation of ethyl alcohol to 
acetic acid has been very thoroughly examined. Several com¬ 
prehensive reviews of the reaction have been published, conse¬ 
quently the details will not be discussed here. 

There is one point, however, which seems somewhat controver¬ 
sial and should be indicated, namely, the formation of aldehydes 
in this reaction. Mathieu (68) stated that the aldehyde produced 
in wines was due to contact with air without the action of organ¬ 
isms. The reaction was apparently accelerated by the presence 
of oxidizable substances such as sulfur dioxide, ferrous sulfate, 
ferrous oxide, or manganous oxide. It was also observed that 
direct sunlight had a similar effect, while vessels made of green 
glass also favored the oxidation. 
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These results have not been fully confirmed and in several cases 
it has been reported that the photochemical oxidation of alcohol 
is negligible, as will be shown later. 

Trillat and Santon (106) also believed that acetaldehyde was 
not a normal product of the fermentation of alcohol but that its 
formation was due to the oxidation of alcohol by air. Verifica¬ 
tion of this premise was obtained by Palmore (82), who found 
that if ethyl alcohol, free of aldehyde, was saturated with carbon 
dioxide, there was no appreciable formation of aldehyde even after 
standing for two and one-half years. 

A statement by Voisenet (111) that formaldehyde was a nor¬ 
mal product of the oxidation of ethyl alcohol whether the reac¬ 
tion was promoted by physical, chemical, or biological means, 
seems to have been neither refuted nor corroborated in connection 
with enzyme reactions. This aldehyde has been fairly frequently 
observed, however, in the products of oxidation by other methods. 

2. Electrolytic oxidation 

In 1875 Renard (88) investigated the electrolysis of ethyl 
alcohol which had been slightly acidified with dilute sulfuric acid. 
Hydrogen gas was liberated at the cathode, but the oxygen which 
might have been evolved at the anode was consumed in the oxida¬ 
tion reactions of alcohol. As the products of a 48 hour run under 
these conditions the following were identified,—acetaldehyde, 
ethyl formate, ethyl acetate, and a small amount of acetal. There 
was also a very small quantity of another substance present which 
was called ethylidine monoe thy late, C 2 H 6 OCH(OH)CH 3 . A 
later paper (89) noted that after a considerable time formic acid, 
acetic acid, and oxygen were evolved in appreciable quantities at 
the anode. Separating the electrodes with a porous partition 
effected no change in the end products. 

Bartoli and Papasogli (9) studied this electrolytic activity in 
an alkaline solution and found large quantities of aldehyde 
produced; this aldehyde polymerized quite readily as far as a 
resin. A small yield of acetic acid was also obtained. These 
workers used carbon electrodes which were slightly disintegrated 
with the formation of a deposit of carbon. 
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Askenasy, Leiser, and Grunstein (4) followed Renard’s method, 
using platinum gauze electrodes and an acidulated solution. It 
was observed that ethyl acetate was the first product formed, but 
the yield diminished considerably as the action continued. A 
quantity of acetaldehyde was also obtained. The most efficient 
temperature range was between 30° and 40°C., when yields of 
acetic acid from 77-93.8 per cent were obtained. The current 
yield was about 75 per cent. It should be noted that these work¬ 
ers added chromic sulfate as an oxygen carrier to assist the reac¬ 
tion catalytically. 

Muller and Miro (75) advanced a mechanism to account for the 
presence of large quantities of hydrogen and methane as the 
products of the electrolysis of ethyl alcohol from alkaline solution. 

In addition to these results on the electrolytic oxidation, the 
effect of the silent electric discharge on the oxidation of ethyl 
alcohol was studied by Comanducci (25). It was observed that 
acetaldehyde was the main product when ethyl alcohol and 
oxygen were placed together under the influence of the discharge. 

8. Ozonization 

The oxidizing action of ozone on alcohol was first noticed by 
Boillot (16), who observed that the passage of ozonized air or 
ozonized oxygen into ethyl alcohol induced reactions forming ace¬ 
tic acid, formic acid, and, apparently, small quantities of acetic 
ether. Wright (115) investigated these reactions more thor¬ 
oughly, using five different methods to promote the formation of 
acetic acid. When alcohol vapor and ozone were passed through 
a flask at 180°C., the yield amounted to 1.6 per cent of the alco¬ 
hol, while if the reactants were passed through a porcelain tube 
at 200-250°C. only 0.8 per cent of acid was formed. Ozone was 
then passed into cold alcohol and the solution shaken for 10 to 
12 hours; the acid content of the products amounted to 0.3 per 
cent. The product obtained on passing ozone through boiling 
alcohol contained 1.18 per cent of acid; passing ozone through 
boiling alcohol in a flask fitted with a reflux condenser, so that 
the condensed liquid was continually subjected to the action of 
the gas, gave a slightly higher yield of 1.22 per cent of acetic acid. 
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It was also noted that water had a very appreciable influence on 
the reaction, acting as a strong diluent, but the degree of inhibi¬ 
tion was dependent upon the conditions of the reaction. 

Renard (89) stated that the action of ozone was similar to that 
of electrolytic oxygen, while Otto (80), in a paper discussing the 
reactions of ozone, made the observation that acetaldehyde and 
acetic acid were the essential products of the reaction between 
ozone and ethyl alcohol. 

4. Catalytic oxidation 

The oxidation of ethyl alcohol by air or oxygen in the presence 
of catalysts has been fairly widely examined with a variety of 
catalysts. In 1867 Calvert (21) investigated the action of pure 
oxygen on ethyl alcohol by passing alcohol vapor over carbon 
containing absorbed oxygen. Acetic acid was the main product. 
Later, work by Senderens (97), who also used oxygen absorbed 
on animal charcoal, indicated that with alcohol vapor at 400°C. 
the gaseous products consisted of 0.5 per cent of carbon dioxide, 
35.5 per cent of ethylene, 4.5 per cent of carbon monoxide, 54.7 
per cent of methane, and 4.8 per cent of hydrogen. Formalde¬ 
hyde was also formed, and its destruction might produce carbon 
monoxide and hydrogen. Senderens stated that the action of the 
carbon was purely catalytic and that it did not act as a reducing 
agent. To prove this he passed oxygen and alcohol o\ er siliceous 
sand, pumice stone, magnesia, and dicalcium phosphate, and 
obtained results in agreement with his work on carbon. 

Sabatier also reports the work of Woog (114) who discovered 
that coal, heated in air to 300°C., is a good oxidation catalyst 
when used at 150-300°C., this activity being partly due to the 
iron oxide present in the ash. This latter supposition was con¬ 
firmed by results obtained on the addition of ferric oxide to the 
coal. The products obtained from ethyl alcohol consisted essen¬ 
tially of acetaldehyde and acetic acid. 

The direct oxidation of alcohol by air, using platinum or plati¬ 
num black as a catalyst, was first observed by Mulder (73) in 
1883. The action is unusually vigorous and when platinum black 
is used the alcohol is quite easily ignited. The products of the 
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reaction, using either form of platinum, are acetic acid and acetal¬ 
dehyde. The use of platinum wire electrically heated to various 
temperatures was investigated by Trillat (105). The oxidation 
proceeded readily even when the temperature of the platinum 
was as low as 225°C., and the products of such a reaction included 
16.8 per cent of acetaldehyde and 2.3 per cent of acetal. It was 
also observed that aldehyde was formed even in the absence of 
air. The use of platinum for the production of formaldehyde 
from ethyl alcohol and oxygen has been patented (83). The 
platinum should be heated to redness and the flow of reactants 
adjusted to prevent complete combustion. The vapors must be 
cooled rapidly to obtain satisfactory yields of formaldehyde. 

Recently Muller and Schwabe (76) studied the oxidation of 
aqueous ethyl alcohol in the presence of sodium hydroxide and 
acetic acid using platinum, palladium, and rhodium powder as 
catalysts at 20°C. The essential point of study in this case was 
the mechanism of such a reaction, and it is compared with that of 
acetic acid and formic acid. 

Duchemin and Dourlen (32), while observing the reactions of 
ethyl alcohol at its boiling point, noticed that with long refluxing, 
either alone or in the presence of a catalyst, a considerable quan¬ 
tity of acetic acid was produced. The catalysts tested were copper, 
lead, tin, and zinc; copper proved to be the most efficient of these. 
A possible mechanism was formulated which gave a metallic 
hydride and acetaldehyde as the primary products; in such a 
case the hydride would decompose with the existing conditions 
and the aldehyde would be further oxidized to acid. Copper has 
been more fully studied by Orloff (79) by passing air and alcohol 
over copper gauze. The products of this reaction were varied; 
acetaldehyde was the chief derivative, but carbon monoxide, car¬ 
bon dioxide, saturated and unsaturated hydrocarbons, as well as 
small quantities of acids and ketones were also detected. 

Alcohol and air were passed over finely divided copper at 
260-270°C. by Mailhe and de Godon (116). It was observed that 
the catalyst aged, favoring aldehyde formation; 60 cc. of alcohol 
produced 18 grams of acetic acid and 12 cc. of acetaldehyde. 
Moreau and Mignonac (117) studied the action of silver on asbes- 
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tos at 340-380°C. Alcohol vapor together with 50 per cent of the 
theoretical quantity of air was passed over the catalyst and the 
products mixed with more air and passed over a second catalyst. 
With two catalysts in series the product contained 84 per cent 
of acetaldehyde. 

Faith and Keyes (118) have recently examined the catalytic 
effect of silver, copper, and nickel both in a metallic form and 
supported on asbestos. It was noted that metallic catalysts 
were more efficient, owing to a greater coefficient of heat transfer 
than was possible with supported catalysts. Maximum yields 
varied with the catalyst; at 515°C. silver gauze produced 80.6 
per cent of acetaldehyde, at 512°C. copper turnings gave 78.0 
per cent of aldehyde, and at 560°C. nickel gauze produced 29.6 
per cent of aldehyde. 

Various patents have been issued on the use of copper and sil¬ 
ver as catalysts for the oxidation of alcohol. A few of these have 
been selected as indicative of the methods recommended. One 
patent (5) claims the use of copper discs treated to form a layer 
of copper acetate which on reduction leaves a very fine layer of 
metallic copper. Another patent (7) mentions similar discs 
soaked in copper or nickel nitrate which yield hydroxides on 
treatment with ammonium hydroxide; this form is readily reduced 
to the metal. Iron and chromium may be similarly formed. 
Both of these patents specifically refer to the formation of acetal¬ 
dehyde by the oxidation process, but apparently not to the forma¬ 
tion of acetic acid. As a later development for the same process 
the use of copper, nickel, chromium, or iron as catalysts has been 
patented (6). A similar patent protects the use of silver (47) 
for the air oxidation of alcohol to acetic acid and acetaldehyde 
in a range of 380-440°C. 

As early as 1907 Naumann, Moeser, and Lindenbaum (77) ob¬ 
served that vanadium pentoxide was an active catalyst for the 
formation of acetaldehyde and acetic acid from air and ethyl 
alcohol. Fester and Berraz (40) studied the activity of vanadium 
much more thoroughly by employing vanadium pentoxide, silver 
and copper vanadates on silica, and silver vanadate on fuller’s 
earth. The products of the reaction were acetaldehyde, acetic 
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acid, and carbon dioxide, with the latter being the main product 
if the temperature rose to 360°C. The most satisfactory operat¬ 
ing conditions with vanadium pentoxide produced 9-13 per cent 
of aldehyde and 2-5 per cent of carbon dioxide. The action of 
zinc oxide was similarly investigated and an optimum yield of 
10.7 per cent of aldehyde and 4.8 per cent of carbon dioxide was 
obtained. 

Hay (49) noticed that colloidal clay was a fair catalyst for the 
oxidation of alcohol to acetaldehyde, and a patent (38) developed 
along similar lines indicated that alcohol could be oxidized by the 
use of a catalyst consisting of finely divided clay dispersed in a 
fluid medium, by the addition of a deflocculating agent such as 
ammonia, sodium hydroxide, or sodium carbonate. The catalytic 
activity of such a preparation may be much further enhanced by 
the addition of metallic catalysts known to promote the oxida¬ 
tion. Somewhat similar metals are included in a patent (26) 
which states that ethyl alcohol may be oxidized by passage over 
barium oxide at a temperature of 4OO-5O0°C. The products of 
this reaction contain some of the higher alcohols, such as butyl 
alcohol, in addition to acids, esters, acetals, and aldehydes. Simi¬ 
larly magnesia, lime, manganese dioxide, or the alcoholates of 
magnesium and sodium may also be used to promote this 
oxidation. 

Slaboszewicz (101) in 1902 made the general observation that in 
the oxidation of ethyl alcohol by air a large number of higher 
oxidation products were obtained in addition to acetaldehyde. 
This early observation rather anticipated the above mentioned 
patent. The general process of oxidation of ethyl alcohol is 
mentioned in a patent (67) which states that the passage of air 
and alcohol over a catalyst yields acetaldehyde, which may then 
be mixed with more air and passed over another catalyst to pro¬ 
duce acetic acid. 

Recently several workers have conducted more thorough inves¬ 
tigations of the catalytic oxidation of ethyl alcohol, using a wide 
variety of catalysts and studying the reaction in the vapor or 
liquid phase. Simington and Adkins (99) passed alcohol mixed 
with air over numerous catalysts and obtained aldehydes, ke- 
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tones, acids, saturated and unsaturated hydrocarbons, carbon 
monoxide, carbon dioxide, hydrogen, and slight amounts of 
esters. The quantity of hydrogen produced was usually quite 
small except with brasses, while zinc promoted dehydrogenation 
but not the oxidation of the evolved hydrogen. Plated catalysts 
were unsatisfactory, but it was noticed that small amounts of 
diluent materials had no appreciable effect upon the reaction; 
from this it was concluded that a large portion of the catalytic 
surface was active in this oxidation. 

Karpov (59) also reported an extensive study of catalysts 
suitable for the production of acetaldehyde by the oxidation of 
ethyl alcohol. He tested oxidized copper, iron, and nickel 
gauzes, chromium trioxide, cobalt oxide, manganese tetroxide 
(MnaCh), cupric oxide, and barium oxide deposited on asbestos, 
and found that those containing iron, manganese, copper, and 
chromium were the most satisfactory. When nickel and cobalt 
catalysts were used, it was noticed that some carbon was invari¬ 
ably formed, while with nickel and chromium catalysts a certain 
amount of the alcohol was oxidized to acetic acid and some of this 
latter in its turn was decomposed to methane and carbon dioxide. 
With a large excess of oxygen the products were largely formalde¬ 
hyde, water, and carbon dioxide, although the time of contact 
was important in all cases. Optimum results were obtained when 
using twice the theoretical amount of air and a temperature de¬ 
pending upon the catalyst in use. In this latter connection nickel 
was effective between 170°C. and 190°C., while chromium was 
active over a somewhat wider range of 170-220°C. 

A specialized study on the use of the rare earth oxides as vapor 
phase catalysts was made by Lowdermilk and Day (65), using 
samarium admixed with copper. It was found that the oxide 
was too active to be used alone, but could be largely diluted with 
copper and still had a strong action. The effect of this addition 
on the copper was carefully examined. It was found possible to 
obtain a good yield of acetaldehyde, but it was necessary to regu¬ 
late the temperature carefully, since the mass of catalyst and its 
temperature were of fundamental significance. 

Day (119) recently continued this study by examining the 
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effect of small amounts of samarium oxide on the catalytic activ¬ 
ity of silver. At 370°C. the presence of samarium slightly de¬ 
creased the yield of acetaldehyde; a catalyst containing 2.785 
grams of silver and 0.0075 gram of Sa 2 0 3 produced 79.5 per cent 
of aldehyde. Higher yields of acetaldehyde were obtained in a 
one-step vapor phase oxidation of ethyl alcohol than had previ¬ 
ously been obtained by similar methods. 

The most thorough study of the partial oxidation of alcohol in 
liquid or vapor phase is due to King, Swann, and Keyes (61) and 
to Snow and Keyes (102). In the first paper the formation of 
acetic acid from ethyl alcohol in two steps, using manganese or 
cobalt acetates as catalysts, was investigated. Air was bubbled 
through 96 per cent alcohol maintained at 50-53°C. to approxi¬ 
mate a ratio of five moles of air to one mole of alcohol. This 
mixture was passed into a catalyst tube containing activated 
copper gauze at 310°C. At this stage 40-50 per cent of the alco¬ 
hol was converted to acetaldehyde. The aldehyde was mixed 
with twice the theoretical quantity of oxygen and oxidized to 
acetic acid. The conversion to acetic acid was nearly 90 per cent 
of the theoretical. 

The second paper reported the results obtained with about one 
hundred and fifty catalysts in the liquid phase. The alcohol, to¬ 
gether with the dissolved or suspended catalyst, was placed above 
a porous plate and oxygen was forced through this plate into the 
liquid. The temperature of the system was held at 70-75°C. 
In all but one of the cases no acetic acid was produced and a 
great many catalysts were entirely inactive. Cerium oxide with 
alkali produced acetic acid, formic acid, aldehyde resin, and 
carbonic acid. The effect of pressure was studied with about 
forty catalysts and was found to have no appreciable influence. 
The extent of oxidation was limited to the formation of small 
concentrations of acetaldehyde, paraldehyde, and acetal. Only 
in the cases of some hopcalites and an alkaline cerium catalyst 
were acetic acid and carbon dioxide noted. 

From this review of the catalytic oxidation of ethyl alcohol it 
will be observed that many of the points have been thoroughly 
studied, but that many catalysts remain to be tested, particularly 
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at high temperatures and in one-stage oxidations. The ultimate 
products in nearly all cases are fairly complex mixtures and the 
efficiency of this process remains to be improved for commercial 
success in one step. 


5. Photochemical oxidation 

The influence of light on the oxidation of ethyl alcohol with or 
without catalysts has been reported on a few occasions. In 1886 
Richardson and Fortey (90) exposed carefully purified ethyl alco¬ 
hol, containing water and oxygen, to light. The work was re¬ 
peated by sealing alcohol in tubes with moist oxygen. In both 
cases it was observed that there was a trace of peroxide at the end 
of a few w T eeks, but thiswas not evident after a prolonged exposure. 
The formation of acetic acid and hydrogen peroxide had been 
anticipated under these conditions. Ciamician and Silber (23) 
note the fact that while ethyl alcohol is not directly oxidizable 
by the action of light, it is capable of undergoing photochemical 
auto-oxidation in the presence of a small quantity of p-xylene. 
Thus, ethyl alcohol containing water and 71 -xylene in an atmos¬ 
phere of oxygen was exposed to light for three and one-half 
months. At the end of this period the alcohol had been oxidized 
to acetic acid, while the xylene was also reactive producing xylylic 
acid. 

Sernagiotto (98) also stated that alcohol is not oxidized by the 
action of light alone, but he found that in the presence of oxalic 
acid the alcohol was slowly oxidized yielding carbon dioxide, 
formic acid, and acetic acid. This catalytic action of organic 
compounds has been studied in one other instance, namely, by 
Cohen (24) in his investigation of the influence of ketones on the 
photochemical oxidation of alcohol to acetic acid. It was found 
that this reaction was independent of the quantity of ketone pres¬ 
ent over fairly wide ranges of concentration. 

Recently Stoklasa and Bares (103), investigating the formation 
of acetaldehyde in plant organisms, advanced the theory that it 
was produced in a secondary reaction involving the partial oxi¬ 
dation of ethyl alcohol. It is evident from these results that 
there is still a fairly wide field available for the examination of the 
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influence of organic compounds on the oxidation of ethyl alcohol. 
These organic catalysts offer a relatively simple method of study¬ 
ing homogeneous catalysis as applied to oxidation reactions. 

IV. OXIDATION OF ETHYL ALCOHOL BY VARIOUS OXIDIZING 

AGENTS 

1. Hydrogen peroxide 

Various oxidizing agents have been studied to determine their 
action on ethyl alcohol; of these hydrogen peroxide was probably 
the first to be investigated. In 1877 Fairley (37) stated that 
peroxide solutions of 2-5 per cent have no appreciable action on 
80 per cent alcohol, while in 1880 Renard (89) also observed that 
this oxidizing agent had no action on dilute or concentrated alco¬ 
hol solutions, in an acid, alkaline, or neutral medium, even after 
several days standing. 

Following these negative results it was discovered that the 
oxidation of alcohol by hydrogen peroxide depended upon the 
presence of an iron salt. Fenton and Jackson (39) found that 
the addition of ferric or ferrous acetates catalyzed the reaction, 
but that the production of acetaldehyde was negative, the entire 
product being acetic acid. Considerably later Doroshevskii and 
Bardt (31), while examining the effect of charcoal on the oxida¬ 
tion of ethyl alcohol, found that it was dependent on the presence 
of ferrous salts such as chloride, sulfate, or oxalate. If ferrous 
sulfate and hydrogen peroxide were added to alcohol, it was noted 
that the oxidation proceeded readily with the formation of acetic 
acid and acetaldehyde, but when ferrous oxalate was employed 
as the catalyst, the reaction proceeded almost completely to the 
formation of acid. Oxidizing the ferrous salt to the ferric state 
seemed to inhibit its activity to a certain extent. It was also 
remarked that dilute solutions were more readily oxidized than 
pure alcohol. Chauvin (22) observed that the action of peroxide 
on ethyl alcohol was greatly influenced by 0.01 per cent of man¬ 
ganese acetate, while the products of this oxidation using only 1 
per cent of peroxide contained aldehyde, ester, and traces of higher 
alcohols. 

The moat thorough study of this reaction is due to Walten and 
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Christiansen (112). It was found that the conversion of alcohol 
to acid was practically quantitative but was dependent on several 
factors. Acids seemed to retard the velocity of the reaction with 
the order of this effectiveness being acetic, nitric, hydrochloric, 
and sulfuric acids if each were present in equivalent concentration. 
The velocity of reaction was proportional to the concentration of 
the catalyst and also increased with an increase in hydrogen perox¬ 
ide. Iron salts were found to be effective, whether present in 
the ferric or the ferrous state; this effectiveness was said to be due 
to the immediate oxidation of ferrous salts to ferric salts. A 
mechanism which involved the intermediate formation of a ferric 
acid was postulated. It was also noted that in some cases the 
reaction went to the products of complete oxidation, carbon 
dioxide and water. A large number of metals and salts were 
investigated to determine their promoter action, but the results 
in most cases were negative; sodium vanadate and potassium 
chloroplatinate were the only compounds showing activity, but 
even in these cases the conversion was relatively small. Some of 
these results have been confirmed by Rosenthaler (93) on the 
oxidation of ethyl alcohol by hydrogen peroxide in the presence of 
ferrous sulfate. 


2. Potassium permanganate 

The oxidation of ethyl alcohol by the action of potassium per¬ 
manganate was first reported by Morawski and Stingl (72) who 
found that the alcohol was oxidized to acetic acid. The acid in 
turn combined with excess of the permanganate to produce po¬ 
tassium acetate and a brown unidentified precipitate was formed. 

Doroshevskii and Bardt (31), working under these conditions, 
found that with the inclusion of ferrous salts as catalysts in the 
oxidation of ethyl alcohol by potassium permanganate, the results 
varied with the catalyst selected. If ferrous sulfate was em¬ 
ployed the oxidation stopped with the formation of acetaldehyde, 
but if ferrous oxalate was used as the catalyst, the product was a 
mixture of aldehyde and acetic acid. These latter results con¬ 
firm the higher oxidizing activity of hydrogen peroxide over that 
of potassium permanganate. 
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According to Benedikt and Neudorfer (11), Benedikt and 
Zsigmondy were the first to observe that in the presence of al¬ 
kaline potassium permanganate, ethyl alcohol was oxidized to 
oxalic acid. Using a 2 per cent solution of alcohol, however, 
these workers were unable to obtain more than a 64 per cent con¬ 
version to oxalic acid. 

Evans and Day (35) studied the action of alkaline perman¬ 
ganate in a much more detailed manner. An aqueous solution 
of the oxidizing agent, together with varying quantities of potas¬ 
sium hydroxide, was added to ethyl alcohol to completely reduce 
the permanganate; the products were analyzed for carbon diox¬ 
ide, acetic acid, and oxalic acid. The results varied with the 
hydroxide concentration. The yields of the products were 
plotted against potassium hydroxide concentration, and it was 
found that the oxalic acid curve was parallel to the potassium 
hydroxide from 150 grams of potassium hydroxide up; the carbon 
dioxide curve was parallel above 175 grams of potassium hydrox¬ 
ide and acetic acid above 225 grams. It was later reported (36) 
that under the same conditions, at temperatures of 25°, 50°, and 
75°C., the product in neutral solution was acetic acid; however, 
over the same temperature range and an alkalinity from 0.415 
gram to 340.8 grams of potassium hydroxide the products were 
varied, as already mentioned. If the temperature was raised to 
100°C. at a potassium hydroxide concentration of 0.415 gram per 
liter the product was acetic acid, but raising the concentration 
from this minimum to 340.8 grams per liter changed the products 
to carbon dioxide and oxalic acid. As a conclusion to this work it 
was stated that the yield of acetic acid decreased and that of car¬ 
bon dioxide and oxalic acid increased with an increase in alkalin¬ 
ity to the maximum effect. An increase in temperature produces 
much the same effect but to a smaller extent. Increasing alka¬ 
linity or temperature increases the rate of oxidation to an optimum 
without influencing the relative amounts of the products. 

In a fairly recent series of papers Tronov and coworkers have 
discussed the mechanism of this reaction. The first paper (107) 
used an aqueous solution of KMn0 4 , of KMn0 4 and KOH, or 
of KMn0 4 and H 2 S0 4 , in either equivalent quantities or with an 
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excess of alcohol. The reaction proceeded readily and it was 
observed that alkaline permanganate reacts about one hundred 
times faster than in neutral solution. The acid permanganate 
was not active. A second paper (109) reported more fully on the 
velocity of this reaction. It seemed to follow the equation for a 
second order reaction until large amounts of the reaction products 
had accumulated. The influence of neutral salts, such as po¬ 
tassium chloride, sodium chloride, potassium nitrate, sodium 
nitrate, potassium perchlorate, potassium sulfate, and sodium 
carbonate was examined later (108). It was stated that when a 
standard alkaline permanganate was used, the acceleration of the 
reaction by these salts was directly proportional to their concen¬ 
tration. The nature of the cation was apparently of minor im¬ 
portance. 

The effect of calcium permanganate has been noted by Mc¬ 
Dermott (69), who threw this substance on a porous plate satu¬ 
rated with ethyl alcohol and observed brilliant scintillation fol¬ 
lowed by a steady glow. Aldehyde and acid were detected by 
their odor. Donath (30) studied the action of manganese diox¬ 
ide upon alcohol vapor and found that with temperatures varying 
from 150-360°C. the products were carbon dioxide, acetone, and 
small quantities of higher boiling compounds. If the manga¬ 
nese dioxide was soaked in sodium hydroxide it was even more 
effective for this oxidation. 

S. Potassium dichromate 

Early in 1891 Frankland and Frew (43) noticed that when ethyl 
alcohol was heated with potassium chromate and sulfuric acid in 
a sealed jar for seven hours at 100°C., over 98 per cent of the 
alcohol was converted to acetic acid. Much later Plotnikov (85) 
tested ammonium chromate and chromic oxide as oxidizing agents 
on ethyl alcohol. The reaction velocity was the same with both 
substances and the extent of reaction was proportional to the al¬ 
cohol concentration. A later paper (86) reviewed the photo¬ 
oxidation of organic compounds by dichromates and reported the 
formation of acetaldehyde and a brown precipitate of unknown 
composition from ethyl alcohol. 
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Schwarz (96) confirmed this photochemical oxidation of alco¬ 
hol by potassium dichromate. It was found that the product 
was essentially acetaldehyde, while the dichromate was changed to 
a brown unidentified substance. The actual production of alde¬ 
hyde was considerably lower than the theoretical yield calculated 
from the quantity of dichromate removed, but the residual sub¬ 
stance made a complete determination of the discrepancy rather 
difficult. It was also observed that the reaction velocity in¬ 
creased with time, indicating an autocatalytic activity on the 
part of the reaction products. 

This photochemical activity of the dichromate ion was further 
investigated by Bowen and Bunn (18). From these results the 
chromate ion in neutral or alkaline solution was found to be pho- 
tochemically quite inactive toward the alcohol. The results of 
Plotnikov on the activity of ammonium chromate were explained 
by assuming a partial hydrolysis to the dichromate. The photo¬ 
chemical reaction with the acid dichromate ion and ethyl alcohol 
produced acetaldehyde without any precipitate. In neutral so¬ 
lution the dichromate ion also gave aldehyde but an unknown pre¬ 
cipitate was formed. A later paper by Bowen and Yarnold (19) 
compared the quantum efficiencies of the HCr 2 0- 7 , Cr 2 Or~, and 
HCr0 4 ~ ions and indicated that only the first of these three is 
photoactive. The latest paper in this series by Bowen, Peacocke, 
and Wellbum (120) reported measurements on the rate of photo¬ 
chemical oxidation by potassium dichromate in light of two 
different wave lengths and at hydrogen ion concentration varying 
from 10~ 4 to 10~ 7 . The results can be quantitatively accounted 
for on the assumption that the photoactive ion was HCrO,r and 
that CrOr~ ion also present acted as an inner filter. The results 
of Bowen and Yarnold were apparently based on the acceptance 
of incorrect equilibrium constants in dichromate solutions. How¬ 
ever these results may be explained qualitatively by the appear¬ 
ance of HCr 2 0 7 ions at the higher hydrogen ion concentration 
used in their experiments. 

Tronov and Lukanin (107) observed that the oxidation of ethyl 
alcohol by chromium trioxide may be represented by a second 
order equation. The activity of chromium trioxide was increased 
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one hundred times in sulfuric acid solution; the reaction went to 
completion under these conditions, while in neutral solution only 
30 per cent of the available oxygen was utilized. Tronov, 
Udodov, and Chizhova (110) also stated that alcohol was readily 
oxidized by chromium trioxide. These workers studied the ac¬ 
tion of 39 or 67 per cent nitriq acid on alcohol and found it to be 
even more active than chromium trioxide. 

In this latter connection Trifonow (104) investigated the effect 
of pernitric acid on alcohol and found that it oxidized the latter 
almost completely to acetaldehyde. 

4- Miscellaneous agents 

A study of the vapor phase oxidation of ethyl alcohol in air, 
as part of a general survey on the oxidation of fuel vapors in air, 
has recently been given by Mardles (121). Two methods involv¬ 
ing both flow and static closed bulb systems were studied. The 
temperature of initial combustion was above 450°C. Oxidation 
proceeded slowly and only a small amount of acetaldehyde was 
produced, which was in support of Mardles combustion theory. 

A large number of other substances which oxidize ethyl alcohol 
have been investigated. The action of bleaching powder on 
alcohol was reported by Schmitt and Goldberg (95) in 1879. 
These compounds reacted spontaneously after a lapse of 7 to 10 
minutes; acetaldehyde and acetal distilled off, together with a 
greenish yellow oil which was believed to be ethyl hypochlorite. 
Goldberg (46) studied the effects of diluting the alcohol with 
water. In equivalent amounts of water and alcohol there was 
no diluent effect in evidence, but above this ratio the water acted 
as an inhibitor. The presence of chloroform among the products 
was noted with these diluted reactants. 

Bhaduri (15) investigated the action of chlorine peroxide on 
alcohol. In this work a mixture of ethyl alcohol and sulfuric acid 
was added dropwise to an aqueous solution of potassium chlorate. 
The reaction was slow initially, but became violent as the reac¬ 
tants were warmed. The distillate was essentially ethyl acetate, 
but tests for acetaldehyde and chloroform were obtained, while 
traces of chlorinated derivatives were found in the residue. 
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Letellier (62) reported that an ammoniacal solution of cupric 
oxide oxidized ethyl alcohol almost completely to acetaldehyde 
at 180°C. The action of Fehling’s solution at various tempera¬ 
tures was investigated by Gaud (44). The reactants were heated 
in sealed tubes at 100°C. When alcohol was in excess both ace¬ 
taldehyde and acetic acid were produced, while if the solution was 
in excess, acetic acid was the sole product. There was no reac¬ 
tion at room temperature, but above that a precipitate of cuprous 
oxide was formed in all cases. At 240°C. the products were still 
more varied and included cuprous oxide, cupric acetate, carbon 
dioxide, and acetic acid. 

Two other interesting results have been recorded. Mittra and 
Dhar (70), while working on the effect of sodium sulfite and fer¬ 
rous hydroxide on ethyl alcohol, observed that oxidation occurred 
quite readily, with the formation of acetaldehyde and carbon 
dioxide. The action of phosphorus pentoxide was much as 
would be expected, as shown by Balarew (8). Various esters of 
orthophosphorous acid were formed, and although the action was 
essentially dehydration, it was noticed that the yield of ethylene 
from the reaction was dependent on the stability of the esters 
produced. 


v. CONCLUSION 

In this review the general reactions of ethyl alcohol under a 
wide variety of conditions have been reported. In many cases 
there is evidence of much greater complexity in the reactions 
than might be expected; consequently derivatives have been iso¬ 
lated which were not anticipated. It is evident that certain 
reactions have been fully studied, but equally apparent that many 
of the reactions herewith reported merit further investigation. 

Although ethyl alcohol is one of the simplest alcohols there are 
many possible reactions w r hich have been neglected, possibly 
because of a lack of such information as this review has conveyed. 
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Phototropic compounds, static and 
dynamic isomerism in, 4, 231 
Phototropy, 6, 217 

Physiological activity and structure, 9, 
389 

Phytol, 10, 265 

Polarity, partial, of the ethylene bond, 
5, 571 

Polymerization, 8, 353 
Polysaccharides, constitution of, 1, 41 
immunologically specific, 3, 403 
Potentials, contact, 4, 255 
electrode, summary of, 1, 377 
Precipitation laws, 2, 217 
Pressures, internal, history of the in¬ 
vestigation of, 2, 315 
Proteins, crystallization, denaturation, 
and flocculation of, 8, 81 
structure, determination of, 4, 51 

Quantum mechanics, 5, 467 
mechanics and chemical reactions, 10, 
103 

mechanics, application to the struc¬ 
ture of hydrogen, 5, 173 

Radiation hypothesis of chemical reac¬ 
tion, 5, 39 

Radiations, in photochemical and 
* photographic reactions, 4, 319 
Radicals, free inorganic, 6, 339 
organic, 1, 91 

Radioactivity of the alkali metals, 3, 81 
Rates, reaction, and statistical mechan¬ 
ics, 10, 229 
Reaction limits, 6, 17 
rates and statistical mechanics, 10, 
229 

-rate theories, unimolecular, 10, 27 
regions, 6, 17 
spaces, 6, 17 

velocity in ionic systems, 10, 179 
Reactions, atomic, rates of, 10, 91 
bimolecular, kinetics of, 10, 241 
chain, 7, 215 
chain, kinetics of, 6, 347 
chemical, and quantum mechanics, 
10, 103 
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Reactions, chemical, at surfaces, 9, 1 
homogeneous, 3, 227 
homogeneous, kinetics of, 10, 1 
mechanism of, in aqueous solution, 
10, 161 

of organic molecules in the gaseous 
state, 10, 135 

reduction, non-aqueous, 8, 251 
unimolecular, dynamics of, 10, 11 
unimolecular, energy exchange in, 10, 
125 

Reduction and oxidation, irreversible, 
3, 1 

reactions, non-aqueous, 8, 251 

Reflection of x-rays by crystals, 5, 437 

Ring systems, linked aromatic, substi¬ 
tution in, 7, 407 

Rubber, chemistry of, 7, 51 

Sodium, reducing action of, in liquid 
ammonia, 8, 265 

Solid bodies, decomposition of, 7, 239 
solutions, 1, 345 

Solutions, aqueous, mechanism of re¬ 
actions in, 10, 161 

aqueous salt, activity coefficient of 
gases in, 4, 271 

aqueous salt, activity coefficient of 
non-electrolytes m, 4, 285 
liquid, statistical mechanics and re¬ 
action rates in, 10, 229 
non-aqueous, symposium on, 8, 167 
of metals in liquid ammonia, 8, 273 
solid, 1, 345 

Solvents, non-aqueous, acid-base equi¬ 
libria in, 8, 191 

non-aqueous, electrodeposition of 
metals from, 8, 335 

Specific heats and valence forces, 5, 533 
heats of gases and vapors, 6, 1 

Spectra, absorption, and valence forces, 
5, 533 

band, 6, 503 

line, and periodic arrangement of the 
elements, 5, 109 

Spectroscopic data in calculation of 
chemical equilibrium, 9, 319 


Stability, chemical, factors determin¬ 
ing, 2, 395 

Starch, recent advances in chemistry 
of, 4, 355 

Statistical mechanics and reaction 
rates, 10, 229 

Stereochemistry, recent progress in, 10, 
365 

Substitution in the benzene ring, 1, 187 
in linked aromatic ring systems, 7, 
407 

Sugars, configurational relationships, 
2, 179 

Surface films, on liquids, 3, 163 

Surfaces, chemical reactions at, 9, 1 

Symposium on atomic structure and 
valence, 5, 361 

on molecular constitution, 6, 445 
on non-aqueous solutions, 8, 167 
on radiation, 7, 203 
on the kinetics of homogeneous reac¬ 
tions, 10, 1 

Systems, ionic, reaction velocity in, 10, 
179 

Theories, unimolecular reaction-rate, 
10, 27 

Theory, electron, of valence, 5, 509 
magnetochemical, 1, 231 
of electrical conductance, 6, 317 
of membrane equilibria, 1, 73 
of metallic conduction, 7, 139 
of partial polarity of the ethylene 
bond, 6, 571 
of valence, 9, 347 

Thermal decomposition of solid bodies, 
7, 239 

Thermodynamics, chemical, method of 
Gibbs in, 1, 293 

Thermoelectric force, 4, 255 

Turbidity, measurements, 3, 331 

Ultramarines, constitution of, 6, 481 

Unimolecular reaction-rate theories, 
10, 27 

reactions, dynamics of, 10, 11 
reactions, energy exchange in, 10, 
125 
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Valence and atomic structure, 5, 361 
and the structure of atoms, 5, 85 
application to colloid compounds, 6, 
603 

broader aspects of, 5, 603 
conceptions, electronic, system of, 5, 
557 

electron theory of, 5, 509 
forces, 6, 533 
theory of, 9, 347 

Valences, anomalous, elements with, 
2, 301 

polar, and shared electrons, 5, 549 
Vapor pressures and equilibria in non- 
electrolyte solutions, 8, 321 
Vapors, specific heats of, 6, 1 
Velocity, reaction, in ionic systems, 10, 
179 


Vitamin A, 10, 265 

Water, molecular structure of, 4, 375 
Weights, atomic, 1, 1 
Whole number rule, 5, 371 

X-ray diffraction in liquids and molec¬ 
ular structure, 6, 483 
studies of crystal structure and or¬ 
ganic chemistry, 6, 143 
X-rays, atomic structure as revealed 
by crystal reflection of, 6, 437 
in the discovery of new elements, 3, 
321 

Yttrium earths, 1, 143 






